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General Introducfeion 
Comparison of the physical properties of cis and trans-
isomers of known configurations show certain regularit ies in 
physical sense. Such as the density, refractive index, 
so lub i l i ty , dipole moment, heat of combustion, and dissociation 
constant of the cis-fcrm is greater than those of trans-
isomers. However, in chemical reactions thes§ compounds are 
found to react sometimes in similar fashion and sometimes 
in strangely di f ferent ways. For example, hydroxylation of 
maleic and fumaric acids by alkaline potassium permanganate 
follows the same mechanism, and on the other hand oxidation 
by salts of chromic acid was ef fect ive for maleic acid, but 
under similar conditions fumaric acid was not oxidized. 
Addition of various substances to the double bond of 
maleic and fumaric acid ( in fact the unsaturated acids in 
general) are not f u l l y understood. In general addition to the 
double bond is accomplished in two ways either the addition is 
cis or trans. When the addenda are halogens or i ts derivatives 
the reaction corresponds to trans-addition. The addition takes 
place step-wise; that i s , the reaction proceeds through inter-
mediates in which only one of the two halogen atoms has become 
attached to the double bond. The intervention of such an 
intermsdiate has been clearly demonstrated ly Francis.^ One 
important feature of such reaction is their stere©specific 
nature. For example, addition of bromine to maleic acid 
yields d,l-dibromosuccinic acid, whereas the addition to 
fumaric acid yields m^so-dibromosuccinic acid» The ir©chanism 
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proposed by Roberts and Kimball is as fo l lows: 
Suppose that the vnonobrominated intermsdiates in these 
reactions have bromiiae attached to only one carbon atom. 
Further assuming that the configuration about the positively 
charged carbon to be planar with free rotation about C-——G 
bond» the interasdiate from maleic and fumaric acids would be 
the same. Therefore, same form of dibromosucoinic acid should 
be formed from both the acids which is not found. Therefore, 
the mechanism proposed i s : 
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For the addition of bromine, iodine, and other halogen 
derivatives in poorly ionizing solvents (such as acetic 
acid and nitrobenzene) auiother term in the rate expression 
is included, giving: 
rate « Kj r \ / 1 
. a \ 
\J 
The second term in the rate law indicates that in poorly 
ionizing medium the formation of the presuiasd helogenium-
ion intermediate is d i f f i cu l t but is aided by second molecule 
of halogen according to the following mechanismj' 
- - w fast 
X-
V . 
slow 
/ \ A /'\ I " 
The additions of bromine to a l l y l halides, vinyl halides 
etc* in g lac ia l acetic acid have been found to be catalysed by 
added bromide ion and more ef fectively by added chloride ion^^ 
This is not simply a salt e f fect because other ions, such as, 
acetates, nitrates and bisulphates show only a small increase 
in the rate . It appears that halide ion intervenes before 
the rate determining step, probably it competes with hala^en 
molecule in destroying the intermediate -complex. 
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These additions to double bond represent the electro-
philic additions but there are reactions in which nucleo-
philic additions take place specially when the substance 
are unsaturated ketones, aldehydes acids and esters» 
Such additions, unlike 'ordinary* additions, are retarded 
rather than accelerated by alkyl substitution on the 
olefinic bond; suggesting clearly that the attack on the 
double bond is nucleophilic• The following nechanism then 
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seems consistent with the observed facts about such additions. 
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These additions are catalysed, rather less e f f ec t ive ly , 
by strong acids such as HCIO^, HSO^» In these 
reactions, in i t i a l attack on olef inic system is nucleophilic 
rather than (as usually the case) e lectrophi l ic , even though 
the attacking species present in solution are not strongly 
nucleophilic* This is because normally strong electron with-
drawing action of 0=0 group has been suggested by acquisition 
of a proton® 
The addition of carbon dibromide, CErg, to olef ins 
presents a very interesting case. It is not known with surety 
whether carbon dibromide is a diradical or nerely ctn electron 
deficient fragment- A somewhat similar question is associated 
with faodliar Deil-Alder reaction which consists of the 
addition of a diene to second unsaturated molecule. In this 
reaction a reorganisation of density takes place during which 
two single bonds are created and two double bonds are converted 
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to single bonds. The reaction is open to follow both 
mechanism, either homo lytic or hetrolytic.^ 
V 
/ 
\ 
X . 
homoly t 
\ 
/ 
I 
/ 
The rate law is non-committed on this question. 
The addition of two hydroxy 1 groups to a double bond, 
i » e , , hydroxylation, has been widely studied in alkaline 
medium. It is found that hydroxylation may take place 
through both mechanisms, namely, cis or trans. With 
potassium permanganate and osmium tetroxide the cis addition 
is readily explained assuming the formation of a cyclic 
o 
organo-metallic intermediate. Moreo-ver, it has been shown 
— 18 using MnO^  labelled with 0 that both oxygen in the 
resulting glycols are derived from the permanganate ion, 
9 
rather than from the solvent. 
\ 
/ 
/ 
\ 
SH SH 
5H 
+ 2 MnO, 
2-
Th© cyclic intermediate postulated is; 
But the observations that the anion of the olef inic acids, 
are oxidised by alkaline maganate (MnO^") without giving 
•z ^  
hypomanganate (MnOj ) aM that olefins are not attacked by 
hypomanganate, are of particular interest since they 
indicate that the oxidation of C = = C easi ly occur by a 
two electron process. 
Waters and Pode^® disapprove the cyclic oxidation 
process of unsaturated acids. But with manganate the 
scheB» is described as: 
- 4 
+ ^Mn^ Slow 
I 
-C-
( 
.6 
I 
-c- -OH 
° Past r -OH 
+Mn02+20H 
Ifevertheless the stereochemically identical cis-products 
are obtained by the oxidation of olefins by permanganate and 
by manganate both. This has been proved by isolating racemic 
tartaric acid from alkaline potassium permanganate and manga-
nate oxidation of fumaric acid. Moreover, this scheme is 
particularly attractive since Griegee^^ has established 
similar intermediate with OsO «^, 
The above scheme demands a two electron change in the 
manganese state. But experiments show that MnO^  is not 
degraded below the manganese (IV) stage, i . e . , giving MnO^  . 
For the cyclic scheme to be valid it w i l l be necessary to 
assume ( i ) an intermediate MnO^  + MnO^  2MnO| follows 
the hydrolysis of the cyclic complex before any Mn (V) is 
and. 
further degraded to Mn (lV)/that the formation of the 
complex is so very much slow than its hydrolysis that 
permanganate ion is always available to ensure the re oxidation 
of MnO^", and it is quantitatively complete. These conditions 
appear to be so stringent that one thinks it much more probable 
that attack on the double bonds requires two molecules of MnO^  
and that the organic compound is oxidised in two one-electron 
stages by way of a transient ion. 
However, hydroxylation of double bond when takes the course 
of trans-addition an epoxide intermediate is formed f i r s t . This 
compoimd is then assumed to be hydrolysed with a Walden Inver-
sion taking place at one of the two carbon atoms, due to the 
attack of hydroxyl ion from a position remote from the one 
already occupied. 
\ 
c: 
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V PH 
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The addition of hydrogen peroxide may result in cis 
or trans additions depending upon the conditions of 
experii^nt* Where trans addition occurs, ths mechanism may 
possibly be through epoxide but a free radical nechanism 
could also result in the trans glycol* 
The configuration of the product foraaed by hydro:3^1ation 
of maleic and fumaric acid is thus found to depend on the 
hydroxylating agent* A cis-addition gives meso-tartaric acid 
from maleic acid and d l - tartar ic acid forms fumaric acid 
(igr KMnO ,^ OsO^, & HgOg - OsO^)^ Trans additions such as 
brought about by CgH^COOgH, HgSO^, and HgOg - SeOg give 
products of opposite nature. 
However, oxidation of maleic and fumaric acids need not 
always result in the formation of tartaric acid. A survey 
of l iterature shows that products such as ethylene atjd 
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acetaldehyde are also obtained. In determining the 
degree of unsaturation Knowles^' has found that in the 
oxidation of maleic acid, oxalic acid is in i t ia l ly formed 
which is further oxidised to carbon dioxide and water• 
N.a. Milas and Terry^^ have studied the oxidation of maleic 
and fumaric acids by NaCIOj and OsO^« A comparative study 15 
has been made by Taylor. In both the cases the rate 
determining step was identified as the formation of 
complex between acid and catalyst. It is found that the 
specific rate of oxidation is 3-5 times more than that 
of the unionised acid molecule. Activation energy of both 
the reactions is 13 Kcals, whereas entrojy of activation 
is -20 and -22 e .u . for fumaric acid and maleic acid 
respectively. Another deta i l and comparative study has 
been dons by Bon.^^ Rates of oxidation of maleic and 
fumaric acids were found to be the same. But under one 
set of conditions it was found that maleic acid was 
oxidised while fumaric acid was not. It was also found 
that chromic acid as such did not attack the double bond 
but reacted through some intermediate species. In basic 
and neutral solutions reaction did not take place. 
Merz and Waters have studied the action of Fenton*s 
reagent on a number of organic compounds. This reagent 
is understood to produce hydroxy 1 radicals in solutions 
and init iates chain reaction. However, maleic and fumaric 
acids on examination show that hydroxyl radicals do not 
o/ 
oxidise them. They found that a number/substances, such 
as carboxylic acids and ketones, which are not themselves 
appreciably oxidised by free hydroxyl radicals can not ice -
The 
ably depress/extent of oxidisation of/substances. The 
retarding e f fect has been accounted for by supposing that 
the added substance in part replaces the highly active 
hydroxyl radical by other more complex radica ls . And 
these new radicals are themselves stabi l ised and do not 
attack organic substrate. This exchange of radicals is 
represented by the following equilibrium: 
X OH + 'OH . X — 0 * + H OH 
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Maleic and fumaric acids which are found to yield 
nesomeric radicals , HO CO G H = = C H — C O 0*, in 
which the olef inic system as well as the hydroxyl group 
may be concerned, exhibit this radical transfer e f fect 
(shown by the above equilibrium) so markedly that the 
anticipated addition to the double bond could not be 
detected* Several oxidisable substances containing hydroxyl 
groups exhibit the ef fect of self retardation amongst which 
the resistance to the oxidation by OH-radical of maleic and 
fumaric acids is an extreme example. 
In conclusion it w i l l be observed that very l i t t l e work 
has been done to study the kinetics of oxidatioo of maleic 
acids in acid medium^ Although in the alkaline medium the end 
product is tartaric acid but in acid and neutral solutions 
the product of oxidation d i f f e r s from reagent to reagentc 
While l^droxylation of the double bond proceeds by an attack on 
double bond of the tuisaturated compound — but for the formation 
of the other products — this need not be the only way. How 
di f ferent oxidants approach such compounds? The present study 
was undertaken to make a systematic approach to the oxidation of 
maleic and fumaric acids in acid n^dium. Both type of oxidants, 
i . e . , one electron oxidants (Co^"^, and Mn^ "*") and two electron 
oxidants (Acid KMnO )^ have been used. 
-11 
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Introduction 
The peroxydisulphate commonly known as persulphate is one 
of the strongest oxidising agents known in aqueous solution 
and it has been used for the oxidation of various types of 
organic and inorganic compounds. Alt hough the standard 
oxidation reduction potential for the reaction 
230®"-= SgOl" + 2e 
is as low as -2,01 vo l ts , for many reducing agents the reaction 
does not proceed at convenient rates without a cata lyst . 
Silver ion has been most extensively used for this purpose® 
However, in SOIDB cases, such as fo r the oxidation of alcohols, 
iodide ion and formate ion,cupric ion has also been used as a 
2 
catalyst. In the oxidation of thio-sulphate, s i lver Ion 
proves ineffective while cupric ion brings about a marked 3 
increase in the oxidation rate . Nevertheless, the pronounced 
e f fect of si lver ion which has been more frequently used as a 
catalyst in persulphate oxidations can be appreciated by 
comparing the rate constants for the catalysed atsi uncatalysed 
reactions; as for example, rate-constant for uncatalysed 
oxidation of formate ion is 0.0033 and that for the catalysed^ 
oxidation is 3.7. 
Uncatalysed Oxidation by Persulphate Investigations on 
the decomposition 
of persulphate have helped in the identification of a number 
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of free radicals , such as S0| and'OH in the system. The 
presence of sulphate free radical is obvious from the fact 
that in polymerization studies using persulphate labelled 
with sulpher-35 as an in i t iator , polymer fragments containing 
radioactive sulphate group have been isolated.^ The f i r s t 
order decomposition of persulphate is explained in terms of 
following mechanism:^ 
k 
SgO^" > 2S0^ in i t i a l step (1) 
k2 
SOT+ H^ O > HSOT+ Sh Slow, but faster (o) 
^ ^ ^ than (1) ^ 
k — 
S20g"+ OH — + + ^^^ 
k. 
+ OH —5^30^ + i Og (4) 
As the aqueous decomposition of persulphate is known 
7 
to be photosensitive , the f i r s t step is possibly initiated 
by light or dust and it is a characteristic of a l l per-
sulphate oxidations. Application of the steady state 
hypothesis of the free radicals in the above mechanism leads 
to the rate law, 
Rates of the uncatalysed persulphate oxidation are on 
the one hand independent of the reductant concentration and 
-14 
on the other, dependent upon the nature of the substrate. 
This is very wel l explained if the following steps are 
added to the above scheme: 
OH + y?" OH + x " fast 
— k — 
X- + S^OL" 2 > 30^" + X+S0-(3) 
- k 
I + SO^ ^ > SO^" + X (4) 
2— 
where x is the anionic part of the substrate. 
The persulphate is decomposed by step (1) and (3) leading 
to the rate-expression: 
d [ SoO: >1 
dt 
2 + ^^ !208'J 
The value of X ' may vary from substrate to substrate and 
this accounts for the variation in rate constants in di f ferent 
systems. The above proposed mechanism e f f i c i ent ly explains 
the oxidation of thiosulphate®, oxalate ion^, carbotihydrates^*^, 
11 and sulphur compounds. However, oxidation of formate ion 
+ 12 
has been assumed to be brought about by OH rad ica l . The 
mechanism i s : 
SgOg" + HgO > Sof" + HSO~ + "^ OH Slow 
n 
•^ OH + HCOO~ > HgO + CO2 Past 
which gives the same rate expression. 
In this connection oxidation of alcohol is. very 
s igni f icant . The rate of reaction is found to depend on 
1^5 
the in i t i a l concentration of persulphate and alcohol both. 
In high concentrations the reaction is slow and show f i r s t 
order dependence on persulphate and alcohol bothfbut at lower 
concentration of persulphate the reaction degenerates into 
second order reaction with respect to persulphate.^^ Tho 
over a l l rate expression is given asj 
- i i g i l = k ^ ^ o l i o 
where the su f f i x '0* re fers to in i t i a l concentrationo 
Al ly l acetate is capable of capturing free radicals in 
solution.This test shows that the rate of oxidation of 
alcohols is considerably reduced in presence of a l l y l 
acetate .Therefore,alcohols sure t ^ e n to generate free radicals 
during the course of their oxidation by persulphate .The 
direct attack of alcohol on persulphate is ruled out because 
if this be the-case a l l y l acetate should not result in such 
pronounced inhibition. 
Catalysed oxidation of persulpahet Toluene is oxidised 
by perulphate only 
in the presence of s i lver nitrate .Thymiol was reported to 
resist the oxidation by alkaline persulphate .However,in the 
presence of small amount of s i lver nitrate, it proceeds 
15 rapidly. 
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In most of the cases the rate law is independent of the 
concentration of the reductant* But the reaction is invariably 
found to be the f i r s t order with respect to persulphate and the 
catalyst both. It has been suggested, therefore, that s i lver 
catalysed oxidation by persulphate might have a common rate 
16 17 determining step. The most probable step being 
As*' + SgOl" ^ Ag'"^ + 
This generalisation is roughly valid when the reductants are 
1 ft 1Q positively charged ions> such as, ammonium ion Ce (k=«29) ^ 
= 0o31 min"'"')^®, Mn^ "^  (k « 0o19 min"'')^^ and vanadyl ion 
(k « 0.209). 
However, when the reductants are molecules or negative ions, 
the rate constants do not approximate to some constant value — 
and are usually very large, e . g . , the rate constant for the 
oxidation of oxalate ion is 26®4 min"^ and that of formate ion if 
is 5 o7 min"^. 
In acidic medium, si lver is also known to exist in two 
2+ 5 + 
higher oxidation states, e . g . , Ag and Ag"^  • Higginson and 
25 
Marshall have proposed an experiment which indicates the 
2+ 
presence of Ag ion in the persulphate and si lver nitrate 
system. The reaction of hydrogen peroxide by persulphate is 
equally catalysed by si lver ( I ) ion and by bis-dipyridyl silver-3 
ion which is known to be rapidly oxidised to bis-dipyridyl s i l v e r - I I 
•17 
ion. However, these datas could be interpreted to favour a 
trivalent si lver species if the complex si lver ( I I ) » f i r s t 
forioed, was further oxidised to an unstable s i lver ( I I I ) 
intermediate. The fact that both cupric and cuprous ions 
catalyse persulphate oxidations suggest that a copper ( I I I ) 
species is the reactive form. The formation of s i lver ( I I I ) 
ion has been proposed repeatedly by several authors. A 
convincing evidence that favours the formation of s i lver ( I I I ) 
is the oxidation of S-hydroxyquinone by potassium persulphate 
whCEe the authors have fa i led to observe any paramagnetic 
resonance that could be attributed to si lver ( I I ) , after 
freezing the solution at 77"^ K. Curiously enough, in a l l 
the cases a strong absorption characteristic of an 
unidentified free radical could be o b s e r v e d T h e s e results 
might support well the assumption that si lver ( I I I ) is the 
main reactive intermediate product. It has been suggested 
that in the dissolution of AgO in nitric acid, disproportionaticn 
occurs, giving rise to si lver ( I I I ) . ^ ^ ^ 
2 Ago + 4 HFO^  > AgNO^ + Ag (NO^)^ + 2E^0 
However, there is no doubt that s i lver is present mostly in 
bivalent state, through an equilibrium well displaced to the 
l e f t in acid medium: 
' 2 Ag^ "^  ^ Ag^ "^  + Ag"^  
+ 2+ 
The isotopic exchange between Ag and Ag depends strongly 
on hydrogen ion concentration of the medium. This fact has 
-18 
been explained with the help of the equilibriumsf 
+ HgO ^ AgO"^  + 
2 HgO ^ AgO+ + Ag"^  + 
Therefore, it is not certain that which of the two species, 
3+ 2+ 
Ag or Ag , a f fects the oxidation. But most of the 
authors have favoured the trivalent s i lver as the active 
oxidizing species. The complete scheme of si lver catalysed 
decomposition of persulphate is given below: 
2S0- + Ag"^  2 S0|" + Ag5+ (slov) 
Ag5+ 4- H2O > AgO-^  + 2H^ 
which gives the rate of disappearance of persulphate as: 
^2-
nevertheless, an equally l ikely mechanism has been proposed 
by Bekier and Kijowski;^"^ 
Ag"^  + SgOl" > Ag SgOg 
followed by 
Ag SgO- ^ Ag^ -^  + 2 so l " 
Or 
Ag SgOg » + + SO^ 
slow 
-19 
and correspondingly the rapid oxidising steps being, 
Or 
However, with these schemes ane would find it d i f f i cu l t 
to explain the variation of rate-constant with dif ferent 
substratesi, because when the rate determining step is the same 
and does not involve the substrate, the rates should also 
be the same. On the contrary, we find that the oxidation 
of oxalate ion is 4000 times as fast as that Cr^"^ and 
ammonia oxidation is sf 46 times as fast as that of 
Thus we see that there are three unstable species 
of s i l ve r , naiffily, Ag^^, Ag^ "^  and AgO*' present in acidic 
medium of K2S20g + AgNO^ system. There appears to be no 
reason that one should lay unreasonable emphasis on the 
presence of one type and neglect the other. But this 
much can safely be concluded, on the basis of available 
l i terature, that persulphate ion as such does not attack 
any substrate. If the reaction is uncatalysed, the oxidation 
may proceed through SO^, OH and OH^  radicals whereas in 
catalysed reactions the oxidation is brought about by 
Ag "^^  or Ag^"^. 
20 
From the foregoing resume of the literature it is 
evident that the mechanism of persulphate oxidation has 
not been fu l l y understood and oxidation of geometric 
isomers has not been studied; and it was this prospect 
In'-Vhich the study of persulphate oxidation of maleic and 
fumaric acids was undertaken. Preliminary experiments 
showed that the oxidation does- not proceed without a 
catalyst ( s i lver n i t ra te ) . This chapter of the thesis 
deals with s i lver catalysed oxidation of maleic and fumaric 
acids. The oxidation has been studied with reference to 
the decomposition of persulphate under identical conditions. 
Experiniental_ 
A l l solutions were prepared in double d i s t i l l ed water 
and the reagents used were of analytical grade. The reaction 
vessels were made of pyrex g lass . Stock solutions of maleic 
acid, fumaric acid and si lver nitrate were made by weighing 
the required quantity. The si lver nitrate solution was 
permanently wrapped in a black cloth and was kept in darkness to 
check its photooxidLation. Persulphates undergo self decompo-
sition in aqyaaous, therefore, a fresh solution was prepared 
for each series of experiments and was standardized iodometri-
cally.^^ 
Procedure Although the order of mixing does not have 
any influence on the reaction rate , the 
reactants were always mixed in the order; water (to make up 
the volume to 60 ml . ) , sulphuric acid, potassium sulphate, 
the substrate and f ina l l y the persulphate. The pyrex f lask 
containing the above reaction mixture and a test-tube 
containing 0.04 M si lver nitrate were kept imnsrsed in a 
thermo-stat •. The thermo-statc was already set at a desired 
temperature. With occasional shaking both the solutions 
attained the temperature of the bath within 10 - 15 minutes. 
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To start the reaction, 3 ml. of s i lver nitrate solution was 
added to the reaction mixture and the time of addition 
of half the s i lver nitrate was taken as zero time. After 
mixing the catalyst, s i lver nitrate, reaction mixture was 
vigorously shaken to ensure thorough mixing of the reactants. 
At intervals, usually 15 minutes, 4 ml. aliquot were pipetted 
out and added to a conical f lask containing 5 ml. (nearly 3 N) 
HCl, 5 ml. of 30% KI, and a catalyst for the persulphate -
iodide reactiont Silver was thus precipitated as halide and 
reaction ceased immediately. After 4 - 5 minutes, the 
liberated iodine was titrated against U/50 sodium thio -
sulphate which was i tse l f standsirdized against potassium 
dichromate. Every run was followed t i l l at least 60% of the 
reaction was complete. 
Several identical sets were run simultaneously in 
different vessels to check the reproducibility of the results . 
It was found that readings were accurate to 0.5^ in pyrex 
vessels. 
* Gupta & Nigam have used a solution containing 4.90 gms 
. GuSO. + 1.5 gms ferrous ammonium sulphate in 500 ml» as 
a catalyst for the l iberation of iodine by persulphate 
from iodide . 
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However,in soft glass vessels the reaction was irregular 
but invariably faster than one carried out in pyrex vessels• 
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Similar ef fect has also been reported by C.V.King ^in the 
oxidation of oxalate ion by persulphate .In order to check 
the dependence of reaction on atmosphere , three identical 
reaction mixtures were studied ,by bubbling oxygen through 
the f irst,nitrogen through tho second and carbon dioxide through 
the third .Rate constants were found to approxiamte to the 
same value in a l l the three cases .Therefore, no care was 
tsdcen to maintain any particular atmosphere and the reaction 
was studied in open vessels. 
Identification of |he Products The presence of tartar ic 
acid as one of the 
reaction products was deducted by virtue of its reaction with 
ammonium molybdate.^® Silver nitrate was found to interfere 
with the test and,therefore,it was removed as chloride by 
adding potassium chloride .On heating the f i l t r a t e with 
concentrated solution of ammonium molybdate .a pale yellow 
oolution was obtained ,which had the maximum absorption at 
366 m . An authentic solution of tartaric acid gave the same 
result .However, a l l attempts to make a quantitative use of this 
were unsuccessful. 
The form of tartaric aicd was confirmed by using 
Buchanan chromatographic method. The procedure is described 
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338 low 
The paper chromatography was carried out with a 
desceniiiig solvent in a mannsr of Consden,Gordon and 
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Martin • Purified solvents war© employed throughout • 
Whatman Ho.1 f i l t e r paper was cut into 10x20 cms. sheets 
and spots of solutions obtained liy fumaric acid-per oulphate 
reaction and maleic acid plus persulphate reaction were 
applied in the usual manner. The sol-ront (water , n-
butanol- acetic acid and conc.HCl in the ratio 25: 28: 5: 1 
volume) was suided to the boat of the Shendon apparatus 
after conditioning of the the paper. When the solvent had 
descended to an aideq.uate extent, it was taken out, and dried for 
5 minutes at 80®C to remove the solvent . A thin spray 
of 2% ggdium-meta-periodate was applied ,arBi the oxidation 
was allowed to proceed for 7 minutes at 60® G , in an 
atmosphere of nitrogen. Sulphur dioxide was passed on the 
paper until a l l of the liberated iodine wsis consumed and the 
paper was f ina l ly sprayed with Sch i f f ' s reagent® Coloured 
zones usuallt appeared in three hours. R^ values were 
not found to be reproducible but the R^ of maleic acid 
product always less than that of fumaric aicd product . 
According to Buchanan value of the dl-form is higher than 
that of meso form. Therefore, it was inferred from this 
test that maleic acid gave meso form,while fumaric acid 
gave dl-form tartaric acid. As R^ , values were not found 
25 
to be reproducible, one more test v/as made to confirm the 
form o f t a r t a r i c acid in the react ion mixture. Sodium-meta 
vanadate is observed to give a red-colour complex with di- form 
and does not react with meso tar tar i c ac id . The procedure 
33 A adopted is given below: 
The react ion mixture w is prepared as describedabove' 
and the re act ion was allowed to proceed by adding suitable 
amount of the ca ta lys t . Af ter 15 minutes of in te rva l , 2 ml. 
aliquot were taken out and added to test-tubes containing 
di lute hydrochloric ac id. Tj^ e react ion was quenched thus. 
The s i l v e r chloride was f i l t e r e d o f f . The f i l t r a t e was 
neutralized with IN-sodium hydroxide, then a solution 
of sodium metavanadate wasadded which on standing gave 
a red colour with the fumaric acid plus persulphate react ion 
mixture. 
•^ -Z-n 
Formic acid was iden t i f i ed in the react ion mixture 
of maleic and fumaric acids both. The solutions were tested 
f o r formic acid only when the persulphate content of the 
reaction mixture was exhausted. The chromotropic acid test 
v/as perforraed a f t e r re oving s i l v e r ion from the react ion 
mixture. For th i s , 0.5 ml. of the react ion mixture was 
taken in a test- tube, and nearly 80 mg c o i l ofmagnesium 
was placed in the tube. The tube was kept immersed in 
an ice bath in order to check the temperature otherwise 
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formaldehyde might escape from the solution. 1 ml. of hydro-
chloric acid was added dropwise with 1 - 3 minutes of interval . 
1 ml. of 3% chromotropic acid solution, made in Q0% concentrated 
sulphuric acid, was added. The test-tube was kept in a water 
bath, at 60° C. After 20 - 30 minutes a voilet colour was 
formed. Its maxima corresponded to one found with authentic 
solution of formic acid, at 570 m . This confirmed the presence 
of formic acid as the oxidation product of maleic and fumaric 
acids. However, this test could not be used successfully for 
the quantitative estimation of formic acid in the reaction 
mixture. It is needless to say that the test was performed 
after ascertaining that the reaction mixture did not contain 
formaldehyde. 
The lime water test gave positive indication of carbon-
dioxide. This test was, however, responded only after 80 - 120 
minutes at 50® C. 
To determine the rate constant, logarithm of persulphate 
concentration was plotted against time, which in each case 
yielded very good straight l ines; whose slopes measured the 
f i r s t order rate constantko^^g. This rate constant was 
divided with the concentration of the catalyst to give the 
rate constants k„, k^ and k„. Where k stands for the rate m' I p m 
constants of maleic acid + persulphate reaction, k^ stands 
for the fumaric acid + persulphate reaction, and k stands 
for the decomposition of persulphate in absence of any 
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substrate. 
As described in the procedure, the persulphate concen-
tration was estimated by pipetting out 4 ml. aliquot and 
t itrating it against standard thiosulphate • Thiosulphate 
solution was prepared approximately and it was titrated 
aigainst standard potassium diehrornate before use. However, 
the readings here have been registered in terms of N/50 Na2S20^ 
( for 4 ml.aliquot) for the sake of comparison and uniformity. 
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Measurements 
Some pretliminary experiments showed that without the 
catalyst no appreciable reaction takes place between the 
substrate and p«5rsulphate, even in 24 hours, at 50? 
Ferric and cupric ions do not catalyse the reaction. The 
si lver catalysed decomposition of persulphate does not vary 
with the in i t i a l concentration of persulphate, and average . 
value of this rate constant can safely be taken as 3*25 minT^ 
for the concentration range of 0.01 - 0o065 W, at 52® C and 
constant ionic strength ( i = 2.7) as shown in the table below: 
Table I 
Temp. 520 c; AgNO^ = 0.002M; HgSO^ = 0.80M; 1 = 2.7 
Time Persulphate 
Minutes 0.01M 0.02M 0.03M 0o05M 0.065M 
Volume in ml. of N/50 4 ml. aliq.uot 
0 4.00 8.00 12.00 20.00 26 .00 
10 3.46 7.20 10.40 18.60 - — — 
20 3.20 6.88 9.30 17.40 24.08 
50 3.08 6.48 8.85 16.24 20.64 
40 2.72 6.10 8.10 14.80 19.12 
50 2.56 5.80 7.70 13.86 17.40 
60 2.40 5.40 7.32 12.62 15.80 
70 2.28 5.20 6.90 11 .58 14.64 
80 2.08 4.80 6.57 9.76 12.40 
Rate cons 
tant min." 3.35 3.14 3.25 3.25 3.26 
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Study With Maleic Acid^ 
The oxidation of maleic and fumario acids have been 
studied in two partss (a ) by using acid concentration very 
low in comparison to the persulphate concentration (b ) ligr 
using the acid concentration much higher in comparison to 
the persulphate concentration. It is found th^t in both the 
cases, the f i r s t order equation with respect to persulphate 
f i t s in, which also holds true when the concentration of the 
substrate is comparable with that of persulphate. In order 
to make comparison with aqueous decomposition of persulphate, 
the aqueous decomposition was also studied under identical 
conditions. The variation of rate constants with the concen-
trations of maleic acid and persulphate has been tabled below: 
Table I I 
Dependence of rate constant (k^ j^ ) on the 
concentration of maleic acid at high con-
centration of persulphate 
Temp.47®G; A^NO^ = 0.002M; HgSO^ = 4.0M; i = 1 .5; KgSgOgr: 0.065M 
Male ic Ac id .001M .003 M .005M 
Time (Minutes) Volume in ml. of N/50 Nag32©^ for 4 ml. aliquot 
0 26.00 26.00 26.00 
15 24.44 23.80 23.40 
30 22.16 21 .68 21 .04 
45 20.00 19.60 19.00 
60 18.40 17.88 17.60 
75 17.24 16.48 15.80 
90 15.84 14.92 14.40 
105 14.60 13.72 13.20 
120 13.44 12.60 12.00 
Rate Constant 
Min."' 2.81 3*11 3.20 
0-9 1-0 1.1 1.1 lA 
Lo<, c ^ 
(Pig. 1) 
C - is persulphate concentration 
Dependence of reaction at low 
substrate concentration 
Maleic Acid .001M .003M .005M 
Lines 
Table I I 
Table I I I 
Table IV 
1 
4 
6 
2 
5 
7 8 
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Table VII 
Dependence of rate C9nstant (k^ j^ ) on the concentration of maleic 
acid at high concentration of persulphate 
Maleic Acid .001M .003 M .005M 
Time (Minutes) Volume in ml. of ^50 NagSgO^for 4 ml. aliq.uot 
0 20.00 20 .00 20.00 
15 17.94 17.68 17.00 
30 16.24 15.68 14.80 
45 14.56 14.04 13o44 
60 13.32 12.32 11 .88 
75 12,08 11 .40 10.56 
90 10.-96 10.28 9.40 
105 — 9.40 9.00 
120 10.20 — — 
Rate constant 
3.20 3.60 Min." 3.83 
Table IV 
Dependence of rate constant (k^) on the concentration of maleic 
acid at high concentration of persulphate 
Temp.47° C; AgN§5 = 0.002M; H2S0^= 0.40M; i = 1.5;K2S20g= 0.035M 
Maleic Acid .001M .003 M .005 M 
Time (Minutes) Volume in ml. of N/50 NagSgO^ for 4 ml. aliquot 
0 14.00 14.00 14.00 
15 12.60 12.10 11 .70 
30 11 .40 11 .20 10.80 
45 10.32 9.90 9.6 
60 9.27 8 .85 8.40 
75 8.36 7.95 7.50 
90 7.36 7.20 6.40 
105 6.75 6.30 5.85 
120 5.85 5.55 5.10 
Rate Constant 
Minute 3.60 3.83 4.11 
(Fig . 2) 
Dependence of reaction on maleic acid concentration 
Maleic Acid .10M .UM .18M .20M 
Lines 
Table V 1 2 3 4 
Table VI 5 6 7 8 
5^1 
Table V 
Dependence of rate constant on 
persuli-phate concentration is less than male ic acid. 
Temp.520C; AgNO :^=o .oo2M ; H2S0^=o .8oM;K2S0^=o .1M 
i=2.7 ; K2S20q=o.o1M 
Maleic Acid 0.10M 0.14M 0.18M O.20M 
Time (min.) Volume in ml. of N/5O N^S20^for 4ml aliquol 
0 4.00 4.00 4.00 4.00 
15 3.8o 3.72 3.64 3.48 
3o 3.40 3.21 3.09 2.68 
45 2.80 2.70 2.60 2.40 
60 2.34 2.27 2.14 2.00 
75 2.04 1 .92 1.79 1 .60 
90 1 .71 1 .55 1 .42 1 .22 
105 1 .45 1 .29 1 .18 A97 
Kr (minT^ ) 5.5o 5.70 5.95 6.00 
Table VI 
Dependance of rate constant when persulphate 
concentration is less than that of maleic aicd. 
Temp.52|C ; AgN0^=o.oo2M ;H2S04=o.8oM ;K2S0^=o.1M 
i=2.7 iKjSgOg =o.o15M 
Maleic acid 0.10M 0.1 4M 0.18M 0.40M 
iime (min^ volume in ml of N/50 Na2S20^ for 4ml. aliquot 
0 6.00 6.00 6.0© 6.00 
15 4.82 4.70 4.40 4.34 
30 3.88 3.72 3.64 3.44 
45 3.28 3.1o 3.08 3.00 
60 2.94 2.84 2.70 2.54 
75 2.56 2.42 2.38 2.00 
90 2.12 2.00 1 .96 1 .80 
105 1 .84 1 .80 1 .68 1 .52 
120 1 .58 1 .48 1 .38 1.08 
k^ minT^  m — 5.70 5.95 — 
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Table VII 
Variat ion in rate constant (k^ )^ when persulphate 
conoe ntration is less than that of maleic acid 
Temp. 520G; AgNO^ = 0.002M; HgSO^ = 0.80M; KgSO^ = 0.1M; 
i = 2.7; KgSgOg = .02M 
Male ic Ac id 0.12M 0.20M 0.40M D.OOM 
Time (Minutes) Voluine in ml. of N/50 NagSgO^ for 4 ml.aliquot 
0 8.00 8.00 8.00 8.00 
15 7.44 7.25 7.06 6.92 
30 6.24 5.82 5.70 4.78 
45 5.62 5.06 4.50 3.96 
60 4.62 4.12 3.70 3.30 
75 3.70 3.30 3.04 2.64 
90 3.00 2.70 2.52 2.20 
105 2.46 2.40 2.02 1 .84 
120 1 .96 1 .77 1-.67 
Rate constant . c cn, 
(min.-^) 5-60 5.85 6.20 6.40 
Influence of Sulphuric Acid Content In the presence of 
s i l v e r n i t rate i t 
v/aa found d i f f i c u l t to use buf fer f o r the study of pH-
e f f e c t on the oxidation of maleic ac id . Therefore, hydrogen 
ion concentration has been varied in the mixture by adding 
d i f f e r en t amounts of sulphuric ac id . Ionic strengths, and 
sulphate content of the reaction mixture have been maintained 
constant by adding requis i te amount of potassium sulphate. 
The concentration of hydrogen ion has been calculated on 
the assumption that sulphuric acid is completely d isso-
ciated as has been suggested by Waters . For the sake of 
(F ig . 3) 
C - is persulphate concentration 
Dependence of reaction on maleic acid concentration 
Maleic acid 0.1M 0^2M O.^M 0.5M 
Lines 
Table VII 8 9 10 11 
Table V I I I 1 5 5 
Table IX 4 5 6 7 
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comparison, the influence of hydrogen ion concentration on 
the decomposition of persulphate has also been studied as 
recorded below; 
Table V I I I 
Influence of Hydrogen ion concentration on 
rate constant (k^ )^ of maleic acid reaction 
Temp.47® C; AgNO^ = 0.002M; KgSgOg = 0.05MJ 
Maleic Acid s O.TOMj i = 4.0 
n* 0.40M 0.80M 1 .OM 1 .20M 
Time (Minutes) Volume in ml. of N/50 NagSgO^ for 4 ml. aliqi 
0 20.00 20 .00 20.00 20 .00 
15 16.32 16.00 15.32 14.78 
30 16.00 14.82 13.68 11.64 
45 14.80 13.40 12.20 10.04 
60 14.00 12.42 10.92 8.96 
75 12.94 11 .20 9.60 7.06 
90 12.12 10.20 8.40 5.92 
105 - - - -
120 • 
Rate Constants 
(Min."' ' ) 2.04 2.61 3.95 5.75 
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Table VII 
Influence of I^drogen ion concentration on 
decomposition of persulphate 
Temp. 47® C; AgNO^ = 0.002M; K^S^Og = 0.05M; i = 4.0 
0.40M 0.80M 1 .OM 1 .2M 
Time (Minutes) Volume in ml. of ir/50 NagSgO^ for 4 ml.aliquot 
0 20.00 20.00 20.00 20.00 
15 18.42 17.60 16.84 16.30 
30 17.68 16.80 15.68 14.76 
45 17.00 16.20 15.00 13.60 
60 16.50 15.20 14.60 12.00 
75 15.62 14.70 12.80 11 .20 
90 15.00 13.64 11 .30 10.20 
105 14.72 12.64 10.40 9.20 
120 13.40 11 .80 8.60 7.90 
Rate constants 2.I5O 2.615 4.60 
( M i n T j 
Evidently the acid content of the reaction mixture 
e f fects both the rate constants. For a three-fold increase 
in the acid content, the rate constants, kp and are 
increased by 96 & 180 per cent respectively. 
Influence of the Catalyst Keeping every other factor 
constant, the concentration 
of the catalyst was varied for 0.0007M to 0.0060M and the 
(Fig . 4) 
C - is persulphate concentration 
Dependence of reaction on si lver nitrate 
Silver nitrate .006M .004M .002M .0007M 
Lines 
Table X 1 5 6 
Table XI 2 3 4 
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react ion rate was found to increase with the concentration 
of the ca ta l y s t . The plot of k^^^ v s . Ag'^  - concentration 
f o r the decomposition of persulphate as wel l as f o r the 
oxidation of maLeic and fumaric acids give straight l i n e s . 
The l ines obtained thus intercept at Ag"*" = 0 , which indicates 
and j u s t i f i e s our observation that the oxidation of the subs-
trate does not proceed without the catalyst ( f i g . NodO) . 
Table X 
Influence of concentration of the oxidation of Male ic Acid, 
Temp.52OG;H2S0^=0.8M;K2S0^=0.1M;K2S20g=0.05M;Maleic Acid=O.OlM 
AgNO^ 0.006M 0.004M 0.002M 0.0007M 
Tims (Minutes^ 1 Volume in ml. of n/50 Na2S20^ f o r 4 ml. al iquot 
0 20.00 20.00 20.00 20.00 
15 13.69 15.33 16.14 16.25 
30 11 .04 12.76 14.14 15.12 
45 8.82 10.52 12.12 13.86 
60 6.97 8.77 10.84 12.78 
75 5.35 7.32 9.30 11 .67 
90 4.22 6.11 8.44 10.66 
105 - — 7.24 -
120 mm 6.52 T 
k^, 10^ mole 1 
17.60 
min 
14.00 8.80 5.70 
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Table XI 
Influence of concentration of the catalyst an 
the decomposition of persulphate 
Temp » 520c5 HgSO^ « 0,80M; KgSO^ « OolOMj KgSgOg = 0.05M 
AgNOj 0.006M 0.004M 0.002M 0.0007M 
Time (Minutes) Volume in ml. of N/50 NagSgOj for 4 ml.aliquot 
0 20.00 20.00 20.00 20.00 
15 10^85 15.75 17.40 I8064 
30 12.51 15.65 16.24 I80OO 
45 10.50 11.76 14.80 17.28 
60 8.21 10.17 13.86 16.25 
75 7-13 8.84 12.62 15.42 
90 5.67 7.32 11.58 14.44 
k obs 10^ mole 1 min -1 12.80 10.00 6.560 4^72 
Salt Effect Negative salt e f fect has been observed in 
each case. But the magnitude of the f a l l 
in the rate constants for the oxidation of maleic and fumaric 
acids is more or less the same as for the decomposition of 
persulphate. This suggests that perhaps some common step is 
influenced by the ionic strength of the reaction mixture. 
Influence of various salts on the rate constants of the 
three reactions are recorded be lows 
5" 
f » 
i 
60 
70 
\ ^ 
^ w 60 - w w 50 - \ \ 
- \\ \ 50 -
30 \\, . 
0.«l 0.6 0.7 «.8 l.c i.1 
1 1 1 1 1 1—. 0.6 
(Fig . 5) 
G - is persulphate concentration 
Dependence of reaction on ionic strength 
Rate constant k k m 
Lines 
Ho salt 
0.3M-Na2S0^ 
1 
4 
2 
5 
3 
6 
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Table XII 
Temp. 520C; AgNO^ = 0,002M; HgSO^ = 0.80M; 
Substrate = 0.01 M; KgSgOg = 0.05M 
Salt i k^ (min.""') k^ (min."' ' ) kp (min 
Ni l 2.5 3.65 3.45 3.38 
3.4 2.35 2.45 2.12 
NaNO^ 3.4 2.50 2.55 — 
MgSO^ 3.4 3.00 2.80 2.25 
Mg(N03) 3.4 2.80 2.80 2.45 
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Temperature Dependence For the calculation of activation 
energy and the other thermodynamic 
functions entities - the oxidation of maleic acid has been 
studied at f ive dif ferent temperatures. The activation energy 
has been calculabed graphically - by plotting 1/T against 
log k in accordance v/ith the well known Arrehenius equation, 
v i z . , 
, k = Z o - V ® ' ^ 
where k is the rate constant, of the reaction at absolute 
temperature T, Z is the col l is ion is the gas constant 
and E^ is the activation energy of the process. The free 
energy of activation ( A F * ) and entropy of activation has 
been calculated by making use of following equations: 
Ro.6 
0.6 
(P ig . 6) 
C - is persulphate concentration 
Dependenoe of reaction on temperature 
Temperature 320OK 3250K 350OK 335<>K 540°^ 
Lines 
Table XII I 
Table XIV 
2 
1 
3 
7 
8 
4 
9 
6 
k = ^ q - ^ V r T (Eyring Equation) 
and = A E I ^ 
the values of k {Bottzman constant) and h (Planck's .constant) 
are 1 ,58041 x erg (deg. and 6.62494 x lO"^"^ ergs 
respectively. The activationenargy for the oxidation of 
maleic acid is 20«0 KGals and heat of reaction and entropy of 
activation are \<=i-"is- v^ au and —1-8 respectively. 
Table XIII 
AgNO^ = 0.002M; H2S0^= O.SOMj Maleic Acid = 0.1(&'M;K2S20g=0.05M 
Temperature 3200K 3250K 330OK 335®K 3400K 
Time (Minutes) Volume in ml. of N/50 Na2S205 for 4 ml. aliquot 
0 20 .00 20.00 20.00 20 .00 20.00 
15 18.10 16.14 15.28 11 .66 8.25 
30 16.94 14.10 11 .88 8.48 5.28 
45 15.74 12.16 9.78 5.94 3.19 
60 14.52 10.84 7.78 4.18 2.20 
75 13.42 9.28 6.16 2.98 1.10 
90 12.32 8.40 5.28 2.24 0.52 
105 7.24 > _ -
120 6.80 
Rate Constants 
(Min.""') 2.74 4.42 7.20 11.50 17.70 
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Table XIV 
AgNO^ = 0.002M; H2S0^ = 0.80M; K2S20g = 0.050M; 
Temperature 3200K 325®K 330OK 335°K 340OK 
Time (Minutes) Volune in ml. of N/50 Na2S20^ for 4 ml. aliquot 
0 20.00 20.00 20.00 20.00 20.00 
15 18.48 17.40 16.06 12.32 9.22 
30 17 .38 16.24- 13.08 9.98 6.48 
45 16.28 14.80 11.34 8.04 4.52 
60 15.18 13.90 9.78 6.38 3.18 
75 14.74 12.64 7.92 5.18 2.20 
90 13.64 11.60 6.60 4.18 1.54 
105 12.60 9.76' 5.80 3.60 — 
120 11 .78 
Rate constants 
(Min."' ' ) 2.10 3.25 6.10 7.65 11.50 
Study with Fumaric Acid The oxidation of fumaric acid 
has been studied under two 
di f ferent conditions: (a) at high persulphate concentration 
(.065M> .035M) and (b) at low persulphate concentration 
(.005 - .0075h) and high fumaric acid concentration. Because 
of the poor solubi l ity of fumaric acid its concentration could 
not be varied much. In both the conditions the reaction 
follows a fiirst order kinetics with respect to persulphate 
concentration. And the reaction shows a behaviour with the 
concentration of the substrate, which has been explained in 
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de ta i l while di-scussing the mechanism. Reactions of fumaric 
acid were studied under conditions in which the persulphate 
decomposition and the oxidation of maleic acid has been 
studied. This makes the comparison simpler. Observations 
under the two conditions mentioned above have been recorded 
in TableXV to XXII . 
Table XV 
Dependence of rate constant (k^) on the concentration of 
Fumaric Acid at high concentration of persulphate 
Temp.470G; AgNO^= 0.002M; HgSO^ = 0.80M; i = 2.7; O'^^^M 
Fumaric Acid .001M .003 M .005 M 
Time (Minutes) Volume in ml. of N/50 NagSgO^ fo r 4 ml. aliquot 
0 26 .00 26.00 26.00 
15 22 •52 21 .12 20.12 
30 20 .09 18.81 17.82 
45 17 .82 16.32 15.61 
60 16 .32 15.36 14.00 
75 15 .48 13.82 13.05 
90 15 .05 12.48 11.77 
105 11 .93 10.88 7.62 
120 
Rate constant 
(Min. -b 3 .13 3.60 4.13 
(Fig. 7) 
C - is persulphate concentration 
Depennience of reaction on Puiuaric acid 
Pumaric Acid .001M ,003M .005M 
Lines 
Table XV 7 8 9 
Table XVI 4 5 6 
Table XVII 1 2 3 
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Table XVI 
Dependence of rate constant (k^) on the concentration 
of Fumaric Acid .at high concentration persulphate 
Temp.47®C; AgNO^= 0.002M; H2S0^= 0.30M; i = 2.7; K2S20g= 0.050M 
Fumar ic Ac id .001M .003 M .005 M 
Time (Minutes) Volume in ml, of N/50 Na2S20^ for 4 ml. al iquot 
a 20.00 20.00 20.00 
15 15.61 15.04 14.11 
30 14.27 13.57 12.70 
45 13.05 11 .93 11 .04 
60 12.95 10.99 9.63 
75 10.56 9.60 8.54 
90 9.76 8.48 7.48 
105 — 
120 * 
Rate constant ^ 
(Min.~') 3.38 3.88 4.35 
Table XVII 
Dependence of rate constant (k^.) on the concentration 
of Fumaric Acid at high concentration persulphate 
Temp.470C; AgNO^= 0.002M; H2S0^= 0.80M; i = 2.7; 0.035M 
Fumar ic Ac id .001M .003 M .005 M 
Time (Minutes) Volume in ml. of N/50 Na2S20^ for 4 ml. aliquot 
0 14.00 14.00 14.00 
15 11.58 11.2 10.42 
30 10.46 9.92 9.60 
45 9.28 8.64 8.38 
60 8.70 7.71 7.52 
75 7.71 7.04 6.52 
90 7.20 6.14 5.82 
105 — — — 
120 _ _ 
Rate constant 
Min." ) 3.49 4.00 4.42 
0,8 o.<< 1.0 1.1 1.2 1."5 i.i, 
(F ig . 8) 
C - is persulphate concentration 
Dependence of reaction on Pumaric Acid 
Fumaric Acid .033M .042M .066M .084M 
Lines 
Table XVIII 4 5 
Table XIX 1 2 3 
-42 
Table XVIII 
Dependence of rate constant (k^) on the concentration 
of Pumaric Acid at low concentration persulphate 
Teinp.520C; AgNO^ = 0»002M; HgSO z^: 0.80M; K2S0^= 0JM;K2S20q=.005M 
Fumar ic Ac id .033M .042 M .066M •084M 
Time (Minutes) Volums in ml. of N/50 NagSgO, J for 4 ml. aliquot 
0 
15 
30 
45 
60 
75 
90 
105 
120 
2.00 
1 .64 
1 .42 
1 .26 
1 .08 
0.98 
0.90 
0.73 
2.00 
1 .54 
1 .37 • 
1 .19 
1 .06 
0.97 
0.80 
0.69 
2.00 
1 .44 
1 .30 
1 .to 
1 .00 
0.90 
0.78 
0.60 
2.00 
1 .42 
1.24 
1 .00 
0.96 
0.84 
0.70 
0.54 
Rate constant 
(Min.) -1 3.20 3.58 3.83 4.40 
Table XIX 
Variation in rate constant (k^) when persulphate 
- concentration is less than that of fumaric acid 
Temp.520c; AgNO.^ = 0.002M; H2S0^= 0.80M; K2S0^= 0.1 M; K2S20g=.0075M 
Fumaric Acid 0.033M 0.042M 0.066M 0.084M 
Time (Minutes) Volume in ml. of N /50 NagSgO^ for 4 ml. al iquot 
0 3.00 3.00 3.00 3.00 
10 2.74 2.64 2.54 2.40 
20 2.64 2.50 2.36 2.10 
30 2.60 2.42 2.20 1 .86 
40 2.52 2.30 1 .96 1.75 
50 2.46 2.12 1 .80 1.53 
60 2.38 2.00 1 .66 1 .27 
70 2.22 1 .84 1.49 1 .12 
80 2.00 1 .68 1.32 1 .00 
Rate constant . 
/ . . . \ 1 3.25 3.52 3.90 4. 45 (Min.) ' 
o76 0.7 0,6 o.s 1.0 11 1.5 yi* 
c ^ 
(P ig . 9) 
C - is persulphate concentration 
Dependence of reaction on H 
H'*' 0.4M 0.8M UOM 1.2M 
Lines 
Table XX 2 4 8 
Table XXI 6 5 1 7 
Table XXII 3 9 11 10 
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Influence of Sulphuric Acid Since si lver nitrate is 
being used as the catalyst, 
no suitable buffer' could be prepared for studying the 
influence of pH on the reaction rate. Nevertheless, hydrogen 
ion concentration was varied by varying the'HgSO^ and KgSO^ 
ratio in the reaction mixtures and its influence on the rate-
constant was studied as it has been done by Waters in the 
oxidation, of formic acid. The concentration, of hydrogen ion 
was calculated on the assumption that the dissociation of 
sulphuric acid is complete. For the sake of comparison the 
influence of hydrogen ion on the aq.ueous decomposition of 
persulphate has also been studied along with maleic and 
fumaric acid reactions. The observations for persulphate 
decomposition have been registered with that of maleic acid. 
Observations for fumaric acid are recorded below: 
Table XX 
Influence of Hydrogen ion concentration 
rate constant of fumaric acid reaction 
Temp.520G; 0.002M; K2S20q= 0.05M;Fumaric Acid=0.01M;i=4.0 
0.40M 0.80M 1 .OM 1 .2M 
Time (Minutes) Volume in ml. of N/50 HagSgO^ for 4 ml.aliquot 
0 20 .00 20.00 20.00 20.00 
15 16.94 16.80 15.80 15.58 
30 16.32 15.60 13.76 13.00 
45 15.30 14.40 12.32 11.92 
60 15.06 13.28 11 .28 10.04 
75 14.02 12.16 — 9.24 
90 13.10 11.20 4.72 7.86 
105 12.20 - - 6.64 
120 - - — 6.00 
I ns b anTi ^  
(Min.~^) 1 .92 2.81 3.83 6.73 
10 
• I I . ' _' ' "^oi—•4ea on -ooA -oc^ oot, 
(P ig . 10) 
Variation in rate constent 
with si lver nitrate concentration 
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A comparison of the rate constants show that the rates 
of the reactions are very much catalysed by hydrogen ion. 
For a three-fold increase in the acid content, the ra te -
constants kp, kj^  and k^ are increased by 96, 180 and 250 per 
cent respectively,, 
Influence of the Catalyst The influence of the concen-
tration of s i lver nitrate on 
the oxidation of fumaric acid has been studied by varying the 
concentration of s i lver nitrate from 0.0007M to 0»0660M« The t 
plot of vs . Ag^ concentration for the. decomposition 
of persulphate as well as for the oxidation of fumaric acid 
gives straight l ines . These lines are found to intercept at 
Ag = 0, which supports the view point that oxidation of 
maleic acid as well as that fumaric acid does not proceed 
without si lver nitrate. ( f i g . No. 10 ) 
Table XXI 
Infuence of Catalyst concentration on the oxidation of Pumaric Acid 
Temp.52''C;H2S0^= 0.80M; KgSO^r: 0.1M; K2S20q= 0.05M;Maleic Acid=0.011 
AgNOj 0.006M 0.004M 0.002M 0.0007M 
Tine tMinutes) Volume in ml. of H/50 for 4 ml. aliquot 
0 
15 
30 
45 
60 
75 
90 
105 
120 
20.00 
14.30 
11.56 
9.40 
7.16 
5.40 
4i30 
20.00 
16.06 
13.42 
11 .12 
9.24 
7.48 
6516 
20 .00 
16.64 
14.54 
12.46 
9.80 
8.84 
7.84 
6.82 
20.00 
17.72 
16,06 
14.64 
13.76 
12.54 
11.56 
Rate constants-! 
(Min." ) 8.56 6.25 4.11 2.74 
ofl-9 >-298 (VrVMy 
( F i g . 11) 
For action energy 
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Temperature Dependence It was consistently observed 
that at lower temperatures the 
oxidation of fumaric acid is faster than that of maleic acid, 
while at higher temperatures the oxidation rates were found 
to be in the reverse order. The activation energy, entropy of 
activation and heat of reaction have been calculated by using 
the equations mentioned ear l i e r . The values of AS^ , AF"^ 
and E^ are found to be -2•JO, 18.59»4 18«00 KCaU \ ^ ^ h 
• 17.3 KGals. Observations recorded under identical condition 
but varying temperature from 520®K to 340®K are reported be lows 
Table XXII 
AgN05=0.002M; H 230^=0.80M; Fumaric Acid = O.OIMj K2S2OQ = 0.05M 
Temperature 5200K 325°K 350OK 3350K 340OK 
Time (Minutes) Volumes in ml. of N/50 ^Si^ S^O^ for 4 ml» al iquot 
0 20.00 20.00 20.00 20.00 20.00 
15 17.38 16.68 14.42 i-r.78 8.58 
30 16.06 14.52 11 .56 8.80 . 5.84 
45 14.96 12.48 9.94 6.72 3.85 
60 13.64 - - 5.06 2.64 
75 12.54 9.80 7.42 3.96 1.66 
90 11 .66 8.80 5.64 2»97 1.32 
'105 — 7.80 — — 
120 — 6.80 — 
Rate constants^ 
(Mini' ) 2.81 4.11 6.68 8.85 12.80 
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Discussion 
Since the oxidation of maleic and fumaric acids does 
not proceed without si lver nitrate, free radicals such as 
SO^, OH etc . which are known to be present in the system 
do not seem to initiate the oxidation of the substrate. 
In acidif ied solution of s i lver nitrate and persulphate 
s i lver 
di f ferent oxidising species of have been assumed to be 
present such as Ag"^ "^ "*", iAg"*""^  and AgO"^ , If it is assumed that 
Ag"^ "'""*' or Ag"*"*" is directly involved in the formation of the 
complex with the substrate, no satisfactory kinetic scheme can be 
proposed to f i t the various other kinetic data. Therefore, 
the most probable species of si lver to form complex with the 
substrate appears to be AgO"*". It is also reasonable to 
assume that because of the similar nature of the oxidation 
reaction of maleic and fumaric acids the active oxidising 
species is not attacking both the carboxalate group at the 
same time^ and active complex is being formed by the attack 
of AgO'*' on the double bond. 
The oxidation of maleic and fumaric acids is considered 
to proceed in the following fashions substrate tartaric 
acid formic acid——-COg* Al l these intermediates and 
the end product have been identif ied. 
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The brown turbidity (attributed to the presence of 
some higher oxidation state of s i lver ) disappears rapidly 
with the addition of the substrate. As substrate is always 
present in excess only very small part of this species is 
capable of undergoing decomposition with water. Hence, the 
simultaneous self-decomptosition of persulphate is also 
taking place to some extent. It is also appsurent from the 
plot of K^^g vs. Ag*', (Indicated by the positive intercept 
on the rate axis at Ag = 0 ) . 
A. slight negative salt ef fect appears to be due to the 
presence of some favourable equilibrium preceding the slowest 
step, such as, equilibrium '2« of the scheme desribed be lows 
Ag + 2S0J 
Ag^ "^  + HgO 
AgO"^  + HgO 
AgO"^  + S 
||complex3 + H^  
± 2 SOj 
± Ag^ "^  + 230^" 
AgO"^  + 2H'^  
(Fast) 1 
(Fast) 2 
(Fast) 3 
^ Ag"^  + 20H..,H20 + I/2O2 4 
^ ^Complexy (Fast) 5 
» Product + Ag"*" (Slow) 6 
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The above kinetic model leads to a very satisfactory rate law, 
which can be derived as fo l lows: 
The disappearance of persulphate w i l l clearly depend on 
step 6, as it is the slowest step of the schease and also 
because the catalyst Ag-t- is being liberated back by this step 
into the solution and starts the acaueous again. Therefore, 
we have: 
- d [SgOg"] ' /dt « k^ [^complex^ [^H^'] 
= kg k^ ^substrat^ [AgO* ]^ 
Applying steady state for AgO"*" 
k j [Ag^'^'^l^k^^ ^omplex] » + Ls3}LAgO+] 
Substituting for Ag"*"*"*" from the f i r s t two equilibriums, we have: 
kjKgR, t ^ ' ^ l C S g O p - - " / [SC^-D ^ + K4 
Assuming k ^ to be small in comparison to k^, 
[AgOT=k5K^K2 [ A g ^ ] [ S gO^ l " " / k4 + k 5 L s J 
Substituting this value in equation No>2, 
- drSgOj/dt « IcfyK^K^K^Ag-'Hy j k ^ + QS iJlSgOQ^ -J 
(Fig. 12) 
Variation in rate constant with inverse 
Substrate concentration (under conditions substrate ^^fSgOl" 
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The above rate law satisfactori ly explains the f i r s t order 
dependence of the reaction rate on persulphate, s i lver ion, 
and hydrogen ion concentrations. Also, a plot of "^AQ^jg 
vs. 1/ S gives a linear plot which also ve r i f i e s the 
val idity of the above rate law. 
However, as mentioned above , a plot of Ag vs • k i^^ g 
gives a linear plot in a l l the three cases, namely, the 
decomposition of persulphate in the absence of any substrate, 
in the presence of maleic acid and thirdly in the presence of 
fumaric acid. All these three lines neet on the axis of the 
rate constant, giving a positive intercept, which indicates 
tfio things: f i r s t l y , oxidation of the substrate is not 
tsQcing place in the absence of catalyst, and secondly some 
uncatalysed decomposition of the substrate is also taking 
place, for which the above scheme needs only a slight 
mod i f icat ion. 
Scheme tic al ly the formation of AgO"*"-substrate complex 
and its subsequent hydroxylation can be represented as be lows 
\ 
/ \ 
V / 
A 
OH 
\ 0 
Ago"*" + H"^ - + Ag Slow 
HgO 
OH 
+ H^  Fast 
OH 
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I t is found tnat cis-additions to the douole bond always 
yieid meso-form of tartaric acid from conaleic acia and racemic 
tartaric acid is ootained from fumaric acia: atid reverse is tne 
trend witn trans addition to the double bond,Henry nas reported 
that oxymercuration is a tratis addition and proceeds oy attacK 
34 ' 01 waxer on a-complex, Jiut on the other hand,0xytnaiiati0i4 
resuits in cis addition. Like oxytnailation ,tne complex in tne 
present case rearranges to give carooniuna ion which is in 
tne next step atiacKea by water to give tkrtaric acid,Cousequently, 
the form of tartaric acid is found as expected irom cis addition 
l.e*,Bieso form is proauced oy maieic acid and funaric acid gives 
di - iora. 
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Introduct ion 
Cobaltic sulphate was prepared for the f i r s t time by 
1 2 Marshall in 1891. Gonant and Aston were, most probably, 
the f i r s t to tise cobalt ic sulphate as an oxidising agent. 
Their inve st igat ions showed that cobaltic sulphate in 8N 
sulphuric acid at 0 oxidises isobutyraldehyde, giving 
acotone and jay^iroxyaldehydes as products. Later on Swann and 
Xanthakos^ studied the oxidation by this reagent in de ta i l 
and they also described a comparatively easier method for i t s 
preparation, ^his method is actually an improvement ofthe 
method of Mii l ler. '^ 
Since the oxidation potential of cobalt ic sulphate is the 
highest of any of the eas i ly regenerated oxidizing agents 
it was fest that i t can be used as oxygen carrier in the 
oxidation of less easi ly oxidized organic compounds. I t was 
found that a number of organic compounds were drast ica l ly 
oxidized to carboiidioxida , such as, formic acid, tartar ic acid, 
c i t r i c acid, male ic acid and ethylene g l y co l . Oxidation 
products, such as, formic acid and acetic acid have been 
ident i f i ed in the oxidation of amylene and glycerine by 
cobaltic sulphate. 
It may seem strange that while formic acid is completely 
oxidised by cobaltic sulphate into carbondioxide, i t remains 
unoxidised in the presence of an^rlene and g lycer ine* I t i s 
perhaps because of the fact that formic acid might be more 
d i f f i c u l t to oxidise than the other two compounds* Hatcher 
and West^ found formic acid in the oxidation of malonic ac id . 
They showed that the rate of oxidation of formic acid is 
inversely proportional to the pH of the so lut ion. However^ 
these authors p Xanthakos and Swann have not carried out any 
k inet ic measurement of these reac t ions . 
The oxidation potent ia l of cobaltous-cobalt ic system was 
f i r s t of a l l studied by Oberer and Jahn. However, Lamb and 
n 
Larson were f i r s t to measure i t s potent ia l against hydrogen 
e l e c t rode . Noyes and Dean have studied i t s oxidation potent ia l 
in n i t r i c acid so lut ion. The average value of the potent ia l 
comes to 1.82 - .2 f o r a temperature range 0 - 25°C and n i t r i c o 
acid concentration varying from 1H - 4M. 
These authors appear to be the f i r s t to study the k inet ic 
decomposition of cobalt ic s a l t s . I t is i n f e r r e d from their 
observations that in the ear ly stages of the run, the reaction 
fo l l ows a second order k inet ics and in later stages f i r s t order. 
S i l v e r ion has been found to catalyse the react ion* The most 
sat is fac tory rate expression is found to be, 
- d (Co5^)/dt = k, + kg 2 
This indicates the transfer of only one e lectron in the 
reduction i f 00"^ "*" be the f i r s t product of the slow step , which 
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demands the existence of the some odd molecular species as an 
intermediate, such as, OH rad ica l . An alternative explanation 
is that the Go^ is reduced in the slow step by water to give + ' 
unipositive Go and H2O2' which are both then rapidly oxidized by 
excess Go^ "^ "^ . But a reaction (corresponding to the second part 
of the above mechanism) bimolecular in Co"^ "^ "^  ^^^ inverse Co++ 
dependence could be explained by the presence of tetra-posit ive 
cobalt . 
The kinet ic react iv i ty of cobalt ic salt appears to be 
considerably less than that of argentic sa l ts . It is seen that 
solutions of equal conce ntrat ion of manganous salt and cobalt ic 
salt give the indication of permanganate ion af ter nearly half 
an hotir. On the other hand i f a small amount of s i l ver nitrate is 
added, permanganate formation is instantaneously indicated by 
pink colour. 
9 
Oberer had noted the decomposition of cobaltic ion 
is k inet ica l ly of the f i r s t order. And Noyes and Reahl''^ 
++++ 
suggestion for the presence of percobaltic ion, Co , was 
thought very much improbable because of the inst"ability of 
the trebly charged ion and a large energy change to be expected 
fo r the removal of the fourth e lectron. Therefore, this work 11 
was again taken by Bawn and white for a detai led invest igat ion. 
In f a c t , the order of decomposition of cobaltic ion was found 
to be extremely complex, varying from f i r s t to f i f t h according 
to the experimental condition, particularly that of ionic 
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strength. Anii also the influence of pH on the reaction is not 
simple. Oberer's roechanism i s : 
Co "^^  + OH > Co "^^  + OH 
2 OH > H2O2 
H2O2 ^ HgO + O2 
giving a f ina l rate expression as: 
- d t 0t]/dt - K^K^ / 
which is clearly inadequate in view, of the complicated behaviour 
of the hydrogen ion concentration on the reaction rate. To 
bridge the discrepancy between mechanism and rate-express ion of 
the decomposition of cobaltic sulphate, equilibriums involving 
hydrolysis of cobaltic ions has been included in addition to 
the above proposed steps: 
Co'^ "^ "^  + HgO > GoOH^ "*" + H"^  
CoOH'^ ^ + OH ^ COOH"^  + OH 
which gives a satisfactory rate-expression. Final ly , the 
possible decomposition of the cobalt ic ion by direct reaction 
12 with water rather thaiythe hydroxy 1 ion as suggested by Wiess 
does not give an adequate rate expression to account for the 
e f fect of hydrogen ion on the reaction rate. The mechanism i s : 
Co"^ '*"^  + HgO > Co"^ "^  + HgO"^  
HgO ' * ' ^ ' H"^ + O H 
2 0 H > H g O + O g 
This objection is well met if it is assumed that the f i r s t 
step is reversible but this would demand an inhibitory 
e f fect of cobatoDus ion. Perhaps, it is just i f ied to assume, 
therefore, that direct action of cobaltic ion and water is 
not possible. 
Some preliminary kinetic experiments on the oxidation 
of formic acid and alcohols have been carried out by Bawn and 
13 White . As referred ea r l i e r , the presence of hydroxyl radical 
in cobaltous and cobaltic system is kinetically valid 
therefore, it is gathered on f i r s t impression that these radicals 
would oxidise the organic compounds. But the reaction of formic 
acid and that of acohol has been studied in f a i r l y high concen-
tration of sulphuric acid ( 3 - ION) under these conditions 
the reaction with water is negligible• It would, therefore, 
• ion 
appear that cobalt ic/itsel f reacts with organic compounds and 
does not merely act as a source of hydroxyl radica ls . 
The oxidation of formic acid appears to proceed simulta-
neously with ionised and unionised molecule. The activation 
energy of the reaction with formate ion is 5*2 KCals less than 
that with the formic acid molecule. This is quite understandable 
as in the former case the electrostatic energy of interaction 
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is available to bring the reactants together. The following 
sequence of reactions sat is factor i ly accounts for the observed 
kinetic rate expression., v i z . 
- d /dt = LnCOgH'] + Kg t^GO^^^ Co^ "*" 
HCOgH + Co "^^  > HCOg + H"*" + Co"^ "^  
HCOg + Co^ "*" ^ HGOg + Co"^ "^  
HCOgH , ^ HGO" + H"^  
» 
HGO2 + HgO ^ ' HGO^ H + 3H 
2HGO2 > HCOgH + COg 
6H +HGO2 > ^ 
However, oxidation of formaldehyd^/,methyl^^, ethyl^^, 
17 
and n-propyl alcohol does not appear to be simple. The 
reaction was f i r s t order with respect to cobaltic ion at 
high concentration of cobaltic sulphate, and second at low 
concentration. The order with respect to formaldehyde 
remains xinity throughout. These facts have been sat is factor i ly 
explained by the rate-expression, 
-d t co^ -^ ] /dt = k^  [Co^-" ] / { A + A g LCo^+jJ 
Formic acid has been identified as the reaction product. 
The reaction possibly proceeds through complex formation of 
formaldehyde with cobaltic ion. The form and nature of the 
HGHO, 
18 
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complex has not been discussed. 
19 The oxidation of methyl alcohol ^ is found to show an 
induction period which increases with decrease in concentration 
of methyl alcohol. The rate of reaction of the induction 
period may be represented by: 
- d t C o ^ T /dt = k 
The product has been largely, if not entirely, formic acid. The 
plots of log k against 1/T au-e not linear - showing a complexity 
of the rate constant. 
20 
Oxidation of ethyl and n-propyl alcohol is very much 
di f ferent from that of ethyl alcohol. The best rate-expression 
found to f i t in the data is similar to the one proposed for 
the oxidation of formaldehyde. The temperature dependence of 
the rate of these alcohols is similar to that of methyl alcohol. 
Following is a complete reaction sequence leading to the 
production of formic acid: 
ROH + Go"^ "^ "^  + H"^  + Co"^ "^  
R O + H g O ^ ^ R O H + O H 
RO + Co^ "^  > + H"^  + 
21 
With methyl alcohol, formaldehyde is formed which is further 
oxidized to formic acid. Occurence of the following processes 
have also been mentioned. 
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MeOH + OH5 ^ MeOHj + HgO 
MeOH^  + Co"*^ "^  > MeO + 2E*' + Co"^ "'" 
MeO" + Co"*"^ "^  ^ MeO + Co"^ "^  
These reactions of fer an explanation for the decrease in the 
reaction rate with increased acidity. 
22 
It is shown by Bawn that for cobalt salts the active 
entity is the cobaltic ion and the reactions of Co^ "^  is 
initiated by an electron transfer either with the reactant or 
with the small amount of thermally formed hydroperoxide. In 23 
the heavy metal salt catalysed oxidation of aldehydes it 
was observed that the onset of oxygen absorption cofresponded 
with a change of valency state of metal. With cobaltous salt 
it was at once observed that with the commencement of reaction 
the pink colour of cobaltous salt changed to green colour of 
the cobaltic sa l t . In these reactions, once the oxidation 
was started the catalyst is maintained in its higher valency 
state. Wibaut and Strang^^ have reported similar results 
with saturated hydrocarbon, and they attribute the formation 
of cobaltic ion to the oxidising action of hydroperoxide. 
In the oxidation of unsaturated hydrocarbons in acetic acid, 
the transformation of cobaltous catalyst to cobaltic state was 
not complete. And it was also noticed that colour changed from 
pink to brown .perhaps due to the co-existence of cobaltous 
and cobaltic ions in the solution. 
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The oxidation of unsaturated hydrocarbons, such as ^ 
pentene-2, trimethylethylene , hexene-1 » octene-1 r 2 - ethyl -
butene, 2 j 4 j 4 - trimethyl pentene-1 and 2 $ 4 : 4 - t r i -
methyl pentene-2y was found to obey the simple relationship,, 
^ /dt = k tco^^l tRH] 
The rate was independent of hydrogen-ion concentration as wel l 
as the structure cf the substrate. These HE asureme nts were 
carried out with the precaution that no hydroperoxide was 
present in the reaction mixture and under the condition 
that the aqi^us decomposition of cobalt ic ion -Qould be neglected 
I t was interesting to note that the oxidation of these 
hydrocarbons followed d i f f e rent mechanism in g lac ia l acet ic acid 
containing 2 - 20/s of 10N sulphuric ac id. The reaction becomes 
independent of the substrate concentration and obeys the rate 
expression^^ 
d [ c o^^ l /dt = k Ico^- ' ] 
I t appears that in the absenca of sulphu.ric acid^ the reaction 
carried out e i ther by cobalt ic acetate or sulphate was very 
slow. In f a c t , the presence of some free acid is essent ial 
f o r these reactions. There seems no doubt that the r eac t i v i t y 
of the cobalt ic ion is determined by the nature of the 
substituents in the co-ordination shel l and the i n i t i a l 
reaction may be visualised as the replacement of one of the 
co-ordinated groups by the unsaturated hydrocarbon and the ease 
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with which it occurs depends on the nature of the groups already-
present in the co-ordination shel l . The oxidation of benzal-
dehyde in acetic acid solution catalysed by cobalt acetate 
has been accounted for in terms of the reaction scheme: 
Co "^^  + CgH^CHO — — > Go "^^  + CgH^CO + H"^  
C g H 5 C 0 + .O2 — = > C g H ^ C O O O 
C g H ^ C O O O + C g H ^ G H O M J g H ^ C O O O H + C g H ^ C O 
2C^HcC00 " inert products b 5 
which gives, 
= k^ k^/kl ^^Go^"^^^ [^CgH^GH^/^ 
d02 
'W 
In contrast to the results with benzaldehyde the cobalt ion 
catalysed oxidation of acetaldehyde in solution conforms to 
the rate law 
d \1 02"3 /dt ^ \^GH3GH0'] 
The exact nature of this reaction is not clear. 
26 Hergreaves and Sutc l i f fe have studied the oxidation of 
formaldehyde by cobaltic sulphate. Cobalt is known to be a 
27 powerful catalyst in aerobic oxidation processes . Therefore, 
it was essential to determine the part played by ojqygen in the 
system being studied. Reactions carried out with de-gassed 
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solutions showed that oxygen has no e f fect on the rate . In 
i ' 
discussing the nature of the reactive species of Co ' they 
understand that at low acidities the following equilibrium 
plays an important part,^^ 
Co "^^  + HgO ^ (CoOH)^ "^ + H"^  
Preliminary work on the sulphate species in which small 
amount of sulphate is added to cobaltic perchlorate solutions 
show that the optical densitj© at wave lengths 300 and 335i^ 
were very much increased. And in the presence of excess of 
sulphate ion, the optical density rose at a l l wave lengths. It 
was inferred that the f i r s t cobalt ic complex is (CoSO^)'*' 
and with it other higher complexes of sulphate also exist 
the most probable being CoCSO^)^ & HCo (80^)2. The reactive 
species for formaldehyde has been postulated to be HgCCOI^ 
28 an idea, orginally enhanced by Wadano. This explains the 
retarding ef fect of hydrogen ion concentration on the reaction 
rate through the equilibrium 
HGHO + HgO ^ H2G(0H) 
H 2 C ( 0 H ) 2 + H ^ ^ H g C O H + H 2 O 
against i t , the mechanism proposed for cobaltic sulphate is 
as fo l lows: 
+ Co(SO^)J + H2C(0H)2 > Co + H2C(0H)6 + H 
Co + H2C(0H)0 > Co + HCOOH + H"^  
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The amount of Go(S0^)2 available depends upon the equilibrium 
Co(SO^)~ + h"^  ^ HGo (30^)2 
The activation energy in this system comes to be 275 t 1 KCals 
while with cobaltic parchlorate it was found to be 22^1 KGals. 
In the presence of large excess of olefins the reaction 
rate may be expressed as: 
- d tco^"^! /dt = k t^Co^"^! \^01efin^ + k [co^^Kwate3 
However, in strong acid the second part might be neglected. 
The ef fect of structure of olefins on reaction rate can be 
summarised as (a) the rate is increased by increasing the 
alkyl substituents on the double bond carbon atoms, (b) Intro-
duction of aromatic group increases the rate and (c) by conju-
gation the rate is increased very much. However, the influence 
of groups such as carboxyl, hydroxyl, e tc . , on the reactivity 
of the double bond could not be determined preferential ly since 
the reaction occured with the substituent grouping. Thus, the 
oxidation of cnofeonic acid by cobalt ic sulphate follows the 
kinetics; 
- d = .0108 [co^^3rGH3CH=CH.C02H 
the oxidation at the double bond is assumed to be negligible 
and it is also suggested that the crotonate ion is the main 
29 reactive species of the substrate. 
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The oxidation product from olefins were found to be 
formaldehyde and other volat i le products. But glycols were 
never detected. The acid catalysed hydration of olefins 
have been studied by Lucas and Liu^^ who showed that the 
addition occurs in two steps: 
R . G H = G H g + H . O H J ^ R . G H C H ^ + O H g 
R . C H G H 5 + O H g > R ( G H . O H g ) . C H ^ 
However, with cobaltic ion some other mechanism seems to be 
operative which leads to the hydration of the double bond. 
Because olefins were not found to be affected by hydrogen ion 
concentration and therefore hydroxonium ion should be the 
reactive species, and absorption spectrum of the o le f in 
solution indicated the absence of hydration under the experi-
mental conditions and thirdly the reported rate of 
hydration of olefins were very mucji slower than that for the 
oxidation of olefins by cobaltic sulphate. These evidences 
indicate that the reaction of olefins is initiated by a 
reaction involvingan electron extraction from the double 
bond by cobaltic ion, viz . 
R . G H = G H g + G o ^ " ^ > R . G H - G H g + Go^"*" 
The small change in rate by a 20-fold increase in the ionic 
strength supports the scheme. 
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The independence of the reaction rate on hydrogen ion 
concentration also indicates that the reactive species is the 
2+ hydrated cobaltic ion, rather than (CoOH) 
It is assumed that the f i r s t step involves the disruption 
of the double bond and the other products such as aldehydes 
ketones and acids are obtained by a series of reactions in 
which the carbonium ion reacts with water to give hydro^ylic 
compounds which are then rapidly oxidised by the cobaltic ion. 
The sequence of reaction can be written as: 
^ G^^ H^ O > p C^ + H 
\ 3+ V 2 + 
C G + Co^^ > C C^ + Co'^  
OH 
c' c + G G + H 
/ \ ^ / \ 
and glycols are pssibly oxidised as, 
yd G/ + Go5+ > \ G + Co^-' + H*^  
aldehyde or ketone 31 Sharp in a separate study on the nature of cobaltic acetate 
have found that cobaltic acetate is also very reactive. In 
32 
the study of cobatous-ozone system Hi l l has proposed the 
formation of GoCoAc)^"*^ radical* 
Waters and Hoane have published a series of papers 
on the oxidation^organic compounds by cobaltic s a l t . They 
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19 
have studied the oxidation of cyclohexanol, t -Buty l a lcohol , 
d i e thy l ketone,^''" t e r t i a r y alcohols^^ and v/ith Cooper he has 
studied the oxidation of aromatic aldehydes* 
It i s found that only these aldehydes which can form 
enols are rapidly oxidised by one-elec^tron oxidant of moderate-
redox po ten t ia l . However, cobalt ic ion has a high redox 
potent ia l and therefore i t is capable of ox idis ing even aromatic 
aldehydes, for which hydration,. 
ArCHO + HgO ^ ^ ArCH (OH) 2 
is not a favoured equi l ibr ium. But a direct attack on benzal-
dehyde by cobalt ic acetate in acetic acid - HgSO^ medium has 
•z (: 
been examined b r i e f l y by Bawn and Jol ley and have proposed 
the formation of a f r e e - r a d i c a l . 
With t e r t i a ry alcohols and also with d ie thy l ketone a 
complex is rapidly formed, 
Me^ G.OH + Hn^ "*" ^ ^Go^"^ 
which leads to the production of f r ee rad ica l and the subsequent 
oxidation takes p lace . 
Me^G.O ^Go^"^ Me^ G6 + Go''"^  + H"^  
In some cases the rate of react ion has been found to 
show a small decrease by the increase in cobaltous ion content 
of the react ion mixture. For a two-fold increase in G o ( l l ) 
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content the rate of reaction with aromatic aldehydes decreases 
from 0,264 to 0*229» No explanation has been put forward. 
Similarly the rate of oxidation of t~Butyl alcohol by cobaltic 
ion f a l l s off by 7% for a 200-fold increase in the concentration 
of cobaltous ion. Consequently it is most unlikely that any 
reversible redox equilibrium is involved. 
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Experimental 
Cobalt ( I I I ) sulphate has been prepared from coba l t - { I I ) 
sulphate by electrolytic oxidation, as has been described by 
Swan and Xanthakos. The procedure adopted here is described 
below: 
A 500-ml porous porcelain cup (of moderate pores, the 
yield is reduced if pores are too large) is f i l l e d with 10N-
sulpuric acid solution and allowed to stand overnight. The 
cup containing acid in its pores is ready for use. The 
catholyte is prepared by adding 150-ml of concentrated 
sulphuric acid slowly with st i r r ing , to 330 ml of water. It 
is cooled to 5®G before being used. The anolyte is prepared 
by dissolving 84 gms. of CoSO^.7 H2O in 275 ml of water at 
room temperature ih a 1 - l i t r e beaker. The solution is cooled 
in an ice-bath, and 100-ml of concentrated sulphuric acid 
is added slowly with s t i r r ing . The solution is then cooled 
to 5°C before being used. The porous cup is then placed in 
one l i t re beaker. Anolyte solution is added into porous cup 
to f i l l the latter to 2 cms (roughly) below the rim of the 
cup . Suff icient catholyte solution is added to the beaker 
to make the two liquid levels the same. The anode (made up 
of platinum f o i l ) is lowered into the anolyte unti l it is 
completely submerged. The cathode (made of 4 x 10 cms, 
sheet of thin copper) is bent to f i t snugly into 1 - l i t re beaker. 
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The whole ce l l is placed in a vessel which is then packed by 
ice-salt mixture. A current of 1 amp., from a suitable 
source, is allowed to flow through the ce l l for four hours. 
Care has been taken that temperature does not rise above 
5°C. A grey-blue suspension is obtained containing 90-95?^ 
cobalt ( I I I ) sulphate. It was standardised iodome trie a l ly 
by the following procedure; 2 ml, of the cobaltic sulphate 
solution was mixed with 8 ml. water and 0.5 gms of potassium 
iodide, the liberated iodine was f ina l l y titrated against 
thiosulphate. In i t ia l di lution of the cobalt ic sulphate 
solution was necessitated by the fact that the sulphuric acid 
content in the cobalt ic sulphate solution was f a i r l y high and 
it resulted in the l iberation of iodine from potassium iodide. 
It was found by repeated experiments that t i trat ion results 
were reproducible and accurate. All other solutions were 
prepared by weighing Analair or B.D.H.-grade samples. The 
sulphuric acid content in the cobalt ic sulphate solution was 
determined in the following manner: f i r s t of a l l the optical den-
Si l . lQs of standard cobaltous sulphate solutions were plotted 
against corresponding concentrations. 2 ml. of standardised 
cobaltic sulphatd solution was taken, on slight heating it 
was converted into cobaltous sulphate and at some known dilution 
i ts optical density was read. Prom the caliberation graph 
obtained as above, the concentration of CoSO^ was calculated 
this gives the sulphate content ( I ) , associated with cobalt 
species. Then sulphate of the solution was precipitated as 
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BaSO^ by adding of BaCIg solution. The precipitate was 
passed through gravimetric processes and weighed. From this, 
sulphate content due to sulphuric acid and that of cobalt -
inj 
species was estimated ( I I ) .Ry Substractj^Cl) from ( I I ) , the 
sulphuric acid content in the cobaltic sulphate solution was 
known. Care is taken to substract an additional amount of 
sulphate ions that are generated from cobalt ic sulphate solution 
by the following reaction: 
COgCSO^)^ + 1 H^ = 2CoS0^ + H^SO^ Og 
Results were found to be accurate to 0,2%» 
Formic acid and carbon dioxide are the end products of 
the reaction. Formic acid was detected by chromotropic acid 
37 
test. Since this identification involves the development of 
a purple colour in the end, the colour of cobalt sulphate was 
found to mask the test . But a test performed with the d it i late 
of the reaction mixture (when cobalt ic sulphate content had 
exhausted) veri f ied the presence of formic acid in both the 
cases. However, a l l attempts to use this test for the 
quantitative estimation of formic acid fa i led poorly. 
Disappearance of cobalt ic sulphate solution was followed 
iodometrically. Ionic strength of the medium was maintained by 
he 
sodium-perchlorate . Sulphuric acid is taken to/dissociated to 
only f i r s t degree and the second dissociation could be completely 
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neglected. 
Sometimes oxidations by cobalt ic sulphate are found to 
depend upon the nature of the atmosphere in which the 
reaction is carried out. Several sets were run under 
identical conditions by bubbling through them dif ferent 
gases* It was found that the reaction was not influenced 
by the nature of gas therefore reaction was studied 
in open vessel . 
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Studies with Maleic Acid 
No standard rate equation f i t s to the experimental data. 
Therefore, it was thought desirable to find the value of rate 
at in i t i a l stages, because only in the beginning the concentra-
tions of the reactants are known exactly* First of a l l from 
•c' (concentration of cobaltic sulphate at time t) and time 
c/ t (R ) and the corresponding amount of oxidant 
reacted (x) were calculated. Then a plot between R and x gave 
the in i t i a l rate in aparticular run. An exactly similar 
procedure has been adopted by Fudge^^ for the calculation of 
in i t i a l rate. Asssuming the form of the rate expression: 
In one run, R, = k \0o ( I I I ) 1 " 
m = log R^  - log Rg / log ^ C o d l D l ^ - log C C o ( I I I ) \ 
Keeping concentration of substrate constant. 
Similarly, n = log R^  - log R^ / log S^  - log Sg 
Keeping concentration of Co ( I I I ) constant. 
For maleic acid reaction the value of m came exactly as one 
from a number of runs, however, the valu^ of n could not be 
-74 
calculated, because it was found to vary from run to run and 
that too in a very irregular manner* Therefore, the following 
form of the substrate concentration was trieds 
RQ = L C o ( n i ) l /dt = k [ G o ( l I I ) l [SI / K +[S] 
R for a run was determined as described above. Prom two 
0 
dif ferent sets the values of k and K were evaluated. The 
value of K comes to be 0.037, and that of k is 0.060. Prom 
these values the i n i t i a l rate has been calculated for each 
run, and it has been mentioned with the one found exper i -
menbally. The two values are close enough to just i fy the 
above rate expression. As is evident from tablss I — VI . 
Table I 
Dependence of in i t i a l rate on th« concentration' of Maleic Acid, 
Temp. 200C; 002(30^)^ = 0.032M; CoSO^ = 0.40M; H2S0^ = 4.0M. 
Male ic Ac id 0.02M 0.04M 
Time (Minutes) x . i o l . mole 1 mole l " min 
X.IJ 
mole l""! 
A c A At^ 
' mole 1 mm 
4 38 .0 9^5 50.00 12.5 
6 55.1 9.2 70.90 11 .8 
8 70.9 8.8 86.00 10.7 
10 84.0 8.4 104.00 10.4 
12 96.1 8.0 118.70 9.9 
14 105.1 7.5 127.00 9.1 
16 115.0 7.2 137.70 8.6 
18 124.0 6.9 142.10 7.9 
20 130.0 6.5 150.00 7.5 
So ^ 
mole 
10^(0bsvd, 
, -1 . -1 1 mm 10.6 14.8 
lO"^  (Galcd.) 10.5 15.0 
(Fig . 1) 
Dependence of reaction on substrate concentration 
Maleic Acid •02M •04M .06M .UM .02M .05M .O^M .06M 
fable 
Line 
I 
5 
I 
3 
I I 
1 
I t 
2 
I I I 
6 
I I I 
4 
VI 
7 
VI 
8 
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Table XIII 
Dependence of in i t i a l rate on the concentration of Male ic Acid. 
Temp. 200G; Oo^ (SO^y^ = 0.032M; GoSO^ = 0.40M; HgSO^ = 4.0M. 
Male ic Ac id 0.06M 0.14M 
x.10^ A c / A t x.10^ Ac/ A t 
Time (Minutes) mole 1 -1 , ,-1 . -1 mole 1 mm mole l^^mole 1 'min' 
4 58 .1 14.5 69.0 15.0 
6 74.2 14.0 81 .7 13.6 
8 105 .5 12.0 100.0 12.5 
10 124.0 12.4 118.0 11 .8 
12 144.0 12.0 132.1 11 .0 
16 176.0 11 .0 160.0 10.0 
18 - - -
20 wm mm 
R^ X I0^(0bsvd.) mole 1 16.5 17.9 
min 
Table I I I 
Dependence of in i t i a l rate on the concentration oi naie ic Acia» 
Temp. 2000; G02 (SO^)^ = 0.02M; GoSO^ = 0.40M; HgSO^ = 4.OM. 
( Ac:/ A t ) . . 1 0 ^ min 
(Calcd.) 
5.6 
Male ic Ad id 0.02M 0.05M 
Time (Minutes) 
x.10^ A c / At .10''" x.lO^ 
mole mole l^^min""^ mole mole l^ ^miia^ 
2 11 •O 5.5 18.5 9.2 
4 21 .0 5.2 35.3 8.8 
6 30.0 5.0 51 .7 8,6 
8 39.0 4.8 66.6 8.3 
10 45.0 4.5 80.1 8.0 
12 50.0 4.2 92 .5 7.7 
14 55.0 3.9 102.3 7.3 
16 58 .0 3.6 113.0 7.1 
( A c / At)A. l0 '^ min""' f-
(Otevd.) 5.6 9.5 
9.4 
(Fig» 2) 
Dependence of reaction,on substrate concentration 
Maleic Acid •089 .016M .oaM •OSM 
Table No, 
Line 
IV 
1 
lY 
2 
V 
3 
V 
4 
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Table XIII 
Dependence of in i t i a l rate on the concentration of Maleic Acid» 
Temp. 20°G; Gog (30^)^ = 0.02M; GoSO^ = 0.40M; H2S0^ = 4«0M. 
Maleic 4cid 0.08M 0.1 6M 
Tims (Minutes) A c / x - l O ^ ^ 0/ 
mole 1 mole 1 min mole 1 mole 1 min 
2 19.1 9.5 22.3 11 .1 
4 36.5 9.1 39.0 9.6 
6 53.0 8.8 55.0 9.2 
8 69.0 8.6 70.5 8.8 
10 82.0 8.2 77.0 7.7 
12 96.1 8.0 90.0 7.5 
14 109.0 7.8 95.0 6.8 
16 121 .0 7.5 128.2 8.0 
9.9 11.5 
{ A c / (Calcd.) 10.4 11.4 
Table V 
Dependence of in i t ia l rate on the concentration of Maleic Acid. 
Temp. 200C; Cog (SO^)^ = 0.01 M; CoSO^ = 0.40M; H2S0^ = 4.0M. 
Maleic Acid 0.02M 0.05M 
Time (Minutes) x.10^ 
mole l""^ 
A c / 
mole l""* min""^  
x.10^ 
mole mole min^ 
3 9.0 3.0 15.0 3.7 
6 17.0 2.8 18.6 3.1 
8 20.0 2.5 25.0 3.0 
12 27.0 2.2 33.0 2.8 
16 32.0 2.0 36.9 2.3 
20 38.0 1 .9 40.0 2.0 
( A c / mole l"' ' 
—1 min (Obsvd 
3.5 4.9 
( Ac/ (Calcd.) 3.4 4.9 
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Table XIII 
Dependence of i n i t i a l rate on the concentration of Male ic Acid. 
Temp, 200G; Gop (SO^)^ = 0.01M; CoSO^ = 0.40M; H2S0^ = 4.0M. 
Maleic Acid 0.04M 0.06M 
x.10^ A c / A t .10^ 
mole l^^mole 1 mli 
Time (Minutes) 
mole 1 -I mole 1 min 
4 16.0 4.0 18.0 4.5 
6 21 .0 3.5 24.3 4.0 
8 26.0 3.2 29.8 3.7 
12 36.0 3.0 38.6 3.2 
16 44.6 2.8 48.0 3.0 
20 50.0 2.5 50.0 2.5 
( A c/ mole l""" 
min" (Obsvd.) 4.2 5.4 
( A c / At)^.-io^ (Galcd. ) 4.4 5.7 
Influence of Sulphuric Acid Content Sulphuric acid has 
been varied from 
2M to 4M. The rate i s found to increase with sulphuric acid 
content of react ion mixture. A plot between 1/k vs . 1/ v>ot 
fall. . . in a straight l ine but at f a i r l y high concentration the 
rate-constants appear to assume a constant valxB • Since sul-
phuric acid is assumed to dissociate into H30^ only potassium 
biosulphate has been used to compensate f o r the change of 
ionic strength. Observations at various sulphuric acid 
concentration have been tabled belowj 
\ 
x.io 
(FIG. 3) 
Dependence of reaction on sulphuric acid concentration 
H g S O ^ 1 . 9 5 2 * 6 5 2 . 7 5 2 . 9 5 3 . 4 5 3 . 9 5 
Table No. VII VII V I I I V I I I IX IX 
Line 1 2 3 4 5 6 
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Table XIII 
Dependence of reaction rate on the concentration of Hydrogen ion. 
Temp.20oC;Go„(S0. ),=0.01M;Maleic Acid = 0.04M;( 
^ ^ H g S O ^ + K H S O ^ = 3 . 9 5 
Co S0^=0.40M; 
H2S04 1.95 .2 .65 
Time (Minutes) x.10^ 
mole mole 1 ^ min"^ 
x.io'^ 
mole 
Ac/At . lO^ 
mole I^min^ 
2 
4 
6 
8 
10 
12 
25.0 
37.0 
48.6 
51.0 
53 .0 
6.65 
6.30 
6.10 
6.00 
5.10 
4.60 
11.9 
22.6 
32.6 
41 .0 
48.0 
50.0 
5.8 
5.6 5.4 
5.1 
4.8 
4.1 
7.06 6.20 
Table VI I I 
Dependence of reaction rate on the concentration of Hydrogen ion 
Temp.2000 ;Co«{SO. ),=0.01MjMaleic Acid=0.04M;CoS0.=0.40Mj 
^ ^KHSO^ + H2S0^=3.95M ^ 
H2SO4 2 . 7 5 2 . 9 5 
Time (Minutes) x.lO^ 
mole 1" 
Ac/ 
^ mole 
A t .10"^  
min"'' 
x.10^ 
mole l"^ 
A c / ^ t .10^ 
mole l~^min^ 
2 10.2 5.1 8.1 4.0 
4 19.7 4.9 15.0 3.7 
6 29.6 4.6 20.0 3.3 
8 36.0 4.5 23.0 2.8 
10 41 .2 4.1 27.5 2.7 
12 43 .0 3.5 30.6 2.5 
^ mole"'' 
min"^ (Obsvd.) 
5.40 4.35 
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Table XIII 
Dependence of reaction rate on the concentration of I^drogen ion 
Temp.20oc ;G05 (SO. )_=0.01M;Maleic Acid=0.04M;CoS0.=0 »40M; 
^ ^ KHSO4 + H2S0^=3.95M ^ 
HgSO^ 3c45 3o93 
Tims (Minutes) x.10^ A c / A t .10^ -1 -1 -1 mole 1 mole 1 min 
x.10^ 
mole 
Ac/ A t . 1 0 ^ 
-1 mole 1 min 
2 
"6 
10 
U 
18 
22 
5.2 
14.8 
21 .0 
26.0 
31 .1 
33.0 
2.6 
2.4 
2.1 
1 .9 
1 .7 
1.5 
3.2 
9.0 
12.5 
15.0 
16.6 
18.0 
1 .6 
1.5 
1.3 
1 .1 
0.9 
0.8 . 
Q.IO mole min""^  (Obsvd.) 2.8 1.68 
Influence of Ionic Strength By varying the concentration 
of sodium perchlorate, the 
ionic strength of reaction mixture has heen regulated. Keeping 
other factors , such as, concentration of the reactants, concen-
trat ion of cobaltous sulphate, and temperature exactly identical , 
the concentration of perchlorate has been changed. Ionic 
strength of the medium has been calculated on fol lowing assumptions 
(a) The f i r s t dissociation of sulphuric acid is complete 
and second dissociation is neg l ig ib le . 
(b) A l l inorganic sa lts present in the system are 
completely dissociated. 
(c) Maleic Acid does not contribute s igni f icant ly to tte total 
ionic strength. 
(Fig , A) 
Dependence of reaction on ionic strength 
Ionic Strength 6,45 5.45 5.00 4.45 3.95 3.45 
Table No. 
Line 
X 
1 
X 
2 
XI 
3 
XI 
4 
XII 
5 
XII 
6 
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Observations at various ionic strength are recorded be lows 
Table X 
Dependence of reaction rate on ionic strength 
Temp.200G; C0o ( S0 j , = 0.027M; Maleic Acid = 0.05M; COS0a=0.10M; 
^ ^ HgSO^ = 2.5M 
i 6.45 5. 45 
Time (Minutes) x.10^ 
mole 
Ac/At .10^ 
mole 1 mm 
x.10^ 
mole l"^ 
Ac/At.io"^ 
mole l^min^ 
4 
6 
8 
10 
14 
18 
22 
26 
20.5 
30.1 
37.2 
44.4 
57.5 
70.0 
81 .5 
92 .0 
5.1 
5.0 
4.7 
4.4 
4.1 
3.9 
3.7 
3.5 
18.9 
21 .8 
36.0 
41 .0 
55.8 
69.0 
77.0 
85 .0 
4.7 
4.5 
4.3 
4.1 
4.0 
3.8 
3.5 
3.2 
( A c / A t)Q.10^ mole l""^ 
5.40 4.8 
Table XI 
Dependence of reaction rate on ionic strength 
Temp.200G; COp(S0.), = 0.027M; Maleic Acid = 0.05M = HoSO.= 2.5M; 
^ ^ GoSO^ = 0.1M. ^ 
5.00 4.45 
Time (Minutes) x.io"^ 
mole 
A c / .10^ 
mole min"^ 
x.lo"^ 
mole 
Ac/ At .10^ 
—1 —1 mole 1 min 
4 16.8 4.2 14.0 3.6 
6 25 .0 4.1 21 .2 3.5 
10 39.9 4.0 34.5 3.4 
14 54.8 3.9 43.0 3.3 
18 69.0 3.8 59.0 3.2 
22 81 .0 3.6 68.6 3.1 
26 91 .2 3.4 77.8 2.9 
30 99.2 3.3 84.1 2.8 
(Ac/At )Q . lO^ mole l"^ 
min"'' 4.4 3.8 
Table XII 
Dependence of reaction rate on ionic strength 
Temp.20®C; G0o(S0,), = 0.027M; Maleic Acid = 0.05M = H^SO = 2.5M; 
2 ^ ^ CoSO^ = 0.1M. . 2 ^ 
i 3 .95 3. 45 
x.10^ A c / 1.10^ x.10^ A c / 
Time (Minutes) mole I"'' mole l""^ min"^ mole tI --1 mole 1 mm 
4 11 .0 2.8 7.8 1 .9 
8 22.0 2.7 13.7 1 .7 
12 27.0 2.6 20.5 1.6 
16 40.6 2.5 25.0 1.5 
20 47.9 2.4 28 .0 1.4 
24 56.0 2.2 31 .0 1.3 
28 62 .0 2.2 35.0 1.2 
32 • 70.0 2.1 38.0 1.2 
( Ac/ mole 1~ u 
min"'' 3.1 2.1 
Influence of Gobaltous Sulphate Not many authors have 
studied the influence of 
cobaltous sulphate on oxidation rates of cobaltic system. 
Waters have found cobaltous sulphate to retard the oxidation of 
diethyl-ketone but he could not attach to it any mechanistic 
significance. However, one important feature of the present 
study is that oxidation of maleic acid is retarded by cobaltous 
sulphate but oxidation rate of fumaric acid is not influenced 
at a l l . Ionic strength, and sulphate content of the reaction 
mixture is maintained by adding requisite amount of sodium 
sulphate in di f ferent sets. Observations at di f ferent 
cobaltous sulphate concentration have been registered below: 
10 io 90 AO 50 60 70 80 ko »oo ' 
X.IO'* 
Cfig. 5) 
Dependence of reaction on cobaltous ion concentration 
'Co( l I ) 1.095 .895M .795M .495M 
Table No, 
Line 
XI I I 
1 
XII I 
2 
XIV 
3 
XIV 
4 
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Table XIII 
Dependence of reaction rate on cobaltous sulphate concentration 
Temp.20oC; COgCSO^)^ = 0.02M; H2S0^ = 3.1M; Maleic Acid = 0.05M 
CoSO. 1 .095M 0.895M 
Time (Minutes) x.10^ 
mole 
Ac/At .10^ 
mole l"^min^ 
x.io"^ 
mole l""' mole l"^ min^ 
2 17.7 8.8 15.1 7.5 
4 34.1 8.5 28.9 7.2 
6 49.4 8.2 42.5 7.0 
8 63.4 7.9 55.4 6.9 
10 77 .0 7.7 65.1 6.5 
12 88.9 7.4 74.3 6.2 
U 98.6 7.0 82 .8 5.9 
16 101 .0 6.3 88 .3 5.5 
( Ac/At)Q.10'^ moleT^ 
min~ 9.2 7.7 
Table XIV 
Dependence of reaction rate on cobaltous sulphate concentration 
Temp.aooC; Co (SO^)^ = 0.02M; H2SO4 = 3.1M; Maleic Acid = 0.05M 
CoSO^ 0.795 0,495 
Time (Minutes) xJO^ Ac/At . io" ' ' —1 —1 ~1 mole 1 mole 1 min 
x.10^ A c / A t . lO^ 
-1 -1 mole 1 mole 1 min 
2 13.5 6.7 11.3 5.6 
4 25.7 6.4 21 .2 5.3 
6 36.8 6.1 31.4 5.2 
8 47.4 5.9 40.5 5.0 
10 56.2 5.6 47.4 4.7 
12 66.2 5.5 52.7 4.4 
14 74.4 5.3 57.5 4.1 
16 81 .8 5.1 62.4 3.9 
( A c / mole 
" . -1 mm 6.9 5.7 
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Table XIII 
Dependence of reaction rate on cobaltous sulphate concentration 
Temp.200G; Co (SO^)^ = 0.02M; H^SO^ = 3.IM; Male ic Acid = 0.05M 
CoSO^ 0.295M 0.195M 
Time (Minutes) x.10^ 
mole 
Ac/At.10^ 
mole l"'''min"'' 
x.io"^ 
mole I"'' 
A c / A.t.10^ 
-1 -1 mole 1 min 
2 
4 
6 
8 
10 
12 
U 
16 
10.0 
19.4 
27.0 33.7 
40.5 
44.6 
49.6 
51 .4 
5.0 
4.8 
4.5 
4.2 
4.0 
3.7 
3.5 
5 . 2 
9.40 
18.00 
25.30 
32.20 
37.10 
40.90 
43.70 
44.90 
4.7 
4.5 
4.2 
4.0 
3.7 
3.4 
3.1 
2.8 
( A c / 10^ mole 1' 
min' 
'1 
•1 5.3 5.0 
Temperature Dependence The activation energy of the 
reaction could not be calculated 
because a plot between in i t i a l rate and l/T does not give a linear 
relat ion ^rather it follows a curvature. This indicates that 
reaction has some complications. For these reasons the entropy 
of activation and heat of reaction could not be calculated. 
However,, the oxidation of maleic acid has been studied at' six 
di f ferent temperatures and observations are tabled belowj 
(5 
« . 
(Fig . 6) 
Dependence of reaction on temperature 
Temp. OK 51 o 305 500 295 2 90 285 
Table No. XVI XVI 
Line 1 2 
XVII XVII XVIII XVIII 
3 3 5 6 
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Table XIII 
Dependence of reaction rate on temperature 
COg = 0.038M; GoSO^ = 0.2M; HgSO^ = 4.0M; Maleic Acid=0.02M 
Temperature ^10 ^05 
Time (Minutes) x.lO^ Ac/Z^t .10^ x.10^ A c / Z^t.10^ 4 a* 
mole mole I min mole mole I min~ 
2 29.3 14.6 23.1 11.5 
4 56.9 14.2 44.2 11.0 
6 83.0 13.8 60.8 10.7 
8 108.1 13.5 83.4 10.4 
10 131 .5 13.1 100.4 10.0 
12 154.5 12.9 116.4 9.7 
14 175.3 12.5 130.4 9.3 
16 193 .8 12.1 147.5 9.2 
( Ac/ At )n .10 ^  mole 1"'' u 15.0 12.0 mm 
Table XVII 
Dependence of reaction rate on temperature 
COgCSO^)^ = 0.038M; CoSO^= : 0.2M; HgSO^s 4.0M; Maleic Acid = 0.02M 
Temperature 300 
Time CMinutes) 
x.io"^- A c / A t .10^ x.10^ Ac/ A t .10^ 
mole mole I^min"^ mole mole I min 
2 17.7 8.8 12.0 6.0 
4 34.2 8.5 22 .7 5.7 
6 49.3 8.2 33.1 5.5 
8 62.6 7.8 42.5 5.3 
10 74.4 7.4 50.5 5.0 
12 85.1 7.1 56.6 4.7 
14 98.4 7.0 61 .6 4.4 
16 107.2 6.7 65.8 4.1 
( Ac/ mole u 
min"^ 9.2 6.4 
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Table 3CVIII 
Dependence of reaction rate on temperature 
GO2(S0^)^= 0.038MJ CoSO^= 0.2M; H2S0^= 4.0M; Maleic Acid=0.02M 
Temperature 290 S85 
Time (Minutes) x.10^ 
mole 
A c / At .10^ 
mole I'^min"^ 
X.10^ 
mole l"^ 
Ac/ t.10^ 
mole l~^min^ 
2 4.8 8.0 4.0 
4 17.7 4.4 14.8 3.7 
6 24.2 4.0 20.6 3.4 
8 31.5 3.9 24.9 3.1 
10 37.2 3.7 30.0 3.0 
12 39.7 3.3 32.5 2.7 
14 42.4 3.0 35.0 2.4 
16 44.2 2.7 36.6 2.3 
(Ac/At )Q .10^ ml 1""" 
min"^ 5.2 4.3 
Studies with Fumjiric Acid Oxidation reaction of fumaric 
acid with cobaltic sulphate 
has been studied exactly on lines similar to maleic acid 
reaction. Since fumaric acid is poorly soluble at such low 
temperature its concentration could not be varied much; 
although a l l runs were studied t i l l 40-60^ of the reaction was 
complete —^— data of 30 - 30% reaction have been used to 
evaluate in i t i a l rate . An expression similar to one found for 
maleic acid reaction f i t s in this case as we l l . 
_ d ^ Co ( I l D l _ , CCo (111)1 [Fumaric Acidl 
dt ~ ^ 0.0074 + [Fumaric Acid] 
In i t i a l rates have been calculated graphically as reported 
earlifi-r in dftt-.ail . 
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Table XIX 
Dependence of in i t i a l rate on the concentration of fumaric acid 
Temp.20^0; GoSO^ = 0.4M; HgSO^ = 4.0M; Cog (30^)5=0.040M 
Fumaric Acid 0.022M 0,020M 
Time (Minutes) 
mole l"^ mole l~^min~^ 
x.10^ 
mole l " 
Ac/At .10^ 
mole l~^min^ 
5 
10 
15 
20 
25 
30 
35 
40 
35.1 
61 .0 
84.2 
100.2 
112.7 
120.1 
125.2 
131 .0 
7.0 
6.1 
5.6 
5.0 
4.5 
4.0 
3.6 
3.2 
30.2 
50.3 
69.1 
80.7 
97.6 
99.3 
105.1 
111.40 
6.0 
5.0 
4.6 
4.3 
3.9 
3.3 
3.0 
2,6 
ml 1"'' 
(Obsvd.) 8.0 7.0 
(Calcd.) 7-S 7-2 
Table XX 
Dependence of in i t i a l rate on the concentration of fumaric acid 
Temp.200C; GoSO^ = 0.4M; Hg SO^ = 4.0M ; Co2(S0^), 5=0.032M 
Fumaric Acid 0.01 M 0.005M 
Time (Minutes) x.io"^ Ac/ A t.lo'^ -1 —1 1 mole 1 mole 1 min" 
x.10^ 
mole 
Ac/ At.10^ 
mole l^^min^ 
5 
10 
15 
20 
25 
30 
35 
40 
17.1 
29.0 
37.6 
41 .6 
45.1 
48.0 
49.3 
3.4 
2.9 
2.5 
2.1 
1 .8 
1 .6 
1 .4 
12.1 
20.2 
25.6 
30.0 
32.0 
2.4 
2.0 
1 .7 
1 .5 
1 .3 
4.4 3.4 
(Calcd.) 
(P ig . 7) 
Dependence of reaction on Fumaric Acid concentration 
Pumaric Acid .022M .020M .010M .OOSM .022M 
Table No. 
Line 
XIX 
1 
XIX 
2 
XX 
4 
XX 
5 
XXI 
3 
(Fig 8) 
Dependence of reaction on Fiimaric Acid concentration. 
Fxmaric Acid .oaH .oo^M 
ii 
T Tjle No. St 
Line 
XXI 
2 
XXII 
1 
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Table XIII 
Dependence of i n i t i a l rate on the concentration of fumaric acid 
Temp.200C; GoSO^ = O.4M5 HgSO^ = 4.OM; COg(30^)^=0.002M 
Fumar ic Ac id 0.022M 0.020M 
Time (Minutes) 
x.io"^ Ac/At. io"^ 
-1 -1 -1 mole 1 mole 1 min 
x.10^ Ac/ At.10^ 
-1 -1 -1 mole 1 mole 1 min 
10 
20 
30 
40 
50 
60 
70 
35.0 
52.2 
60.1 
68.4 
70.2 
72.6 
77.0 
3.30 
2.60 
2.00 
1 .70 
1 .40 
1 .20 
1 .10 
30 .0 
50.0 
57.2 
72.4 
75.4 
78.1 
84.6 
3;.o 
2.5 
1 .9 
1 .8 
1.5 
1 .3 
1 .2 
( A c / mole 
min-"" (O^s^d.) 4.30 4.0 
Table XXII 
Dependence of in i t i a l rate on the concentration of fumaric acid 
Temp.2000; GoSO^ = 0.4M; HgSO^ = 4.0MJ GOg(30^)^=0.032M 
Fumaric Acid 0.01M 0.005M 
Time (Minutes) 
mole 1"" mole I min 
x.10^ Ac/ 
mole mole 
At.10^ 
t1 . -1 1 mm 
10 
20 
30 
40 
50 
60 
70 
25.0 
40.0 
57.2 
72.4 
75.4 
78.1 
84.6 
2.5 
2.0 
1 .9 
1 .8 
1 .5 
1 .3 
1 .2 
21 .0 
36.2 
51 .4 
60.0 
65.1 
72.2 
77.2 
2.1 
1 .8 
1 .7 
1.5 
1 .3 
1 .2 
1 .1 
( A c / At)Q.10'^ mole 
min-^ (Obsvd.) 
2.7 2.3 
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Influe nee of Ionic Strength 5y adding requisite amount 
of sodium percht^orate the 
fumaric acid reaction has been studied at various^ ionic 
strength, varying from 3.45 to 6.45. A positive influence is 
observed. But the plot between(i)1/2 and log k f a i l s to give 
any conclusive result . 
Table XXIII 
Dependence of in i t i a l rate on ionic strength 
Temp.200G; CoSO^ = 0.13M; H2S0^=2.5M; Pumaric acid=O.OlM; 
Co^CSO^)^ = 0.027M 
i 6.45 5.45 
Time (Minutes) x.10^ 
mole l"^ 
A c / At.io"^ 
mole 1 min~^ 
x.10^ 
mole l""* 
Ac/ ^ t. lO^ 
-1 mole 1 min 
10 
20 
30 
40 
50 
60 
70 
30.1 
50.0 
60.1 
72.4 
85.1 
96 .0 
105.2 
3.0 
2.5 
2.0 
1.8 
1 .7 
1.6 
1.5 
24.2 
40.2 
51 .4 
60.2 
65.3 
66.6 
70.4 
2./I 
2.0 
1 .7 
1.5 
1.3 
1 .1 
1.0 
( Ac/ mole l"^ 
min"'' 3.4 2.8 
io 30 ZD" 50 60 Vo 90 ioo 
x.to" 
(Fig .9) 
Dependence of r e ^ t i o n on ionic strength. 
Ionic strength 6.45 5*45 5.00 4.45 3.95 
Table No. 
Line 
XXIII XXIII XXIV XXIV XXV 
1 2 3 4 5 
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Table XIII 
Dependence of in i t i a l rate on ionic strength 
Temp.20oC; CoSO. = 0.13M; HpSO = 2, ,5M; Fumaric Acid= =0.01M 
Co2(S0^)^ = 0.027M 
i 5.00 4.45 
x.10^ Ac/ At . io '^ x.10^ Ac/ A t.io'^ 
Time (Minutes) mole , , - 1 . - 1 mole 1 mm mole mole . -1 1 mm 
10 20.0 2.0 12.1 N 1 .2 
20 23.2 1 .4 20.0 1 .0 
30 39.4 1.3 24.2 0.8 
40 40.2 1 .0 25.0 0.6 
50 45 .0 0.9 — 0.3 
60 48 .2 0.8 — 0.2 
( A c / mofid. l" 
^ -1 
-1 
2 .6 1.5 
mm 
Table XXV 
Dependence of int ia l rate on ionic strength 
Temp»20®G; GoS0.= 0 .13M; HpSO. = 2 .5M; Fumaric Acid: =0.01 M 
Co2(S0^)^ = 0.027M 
i 5' .4 5 6;. 45 
x.10^ c/ t.10^ x.lo"^ c/ t.1^0^ 
Time (Minutes) mole -1 -1 mole 1 min mole l"^ mole l-^'min"'' 
10 10.0 1 .0 4.0 0.40 
20 ,16.0 0.8 7.0 0.35 
30 18.2 0.6 8.4 0.28 
40 20.0 0.5 10.0 0.25 
50 25.1 0.5 10.0 0.20 
( ^ o / mole 0.6 
mm 
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Influence of Sulphuric Acid Content Maintaining 
KHSO^'at constant 
value sulphuric acid has been varied from 1 , 9 5 to 
Calculating hydrogen ion concentration on the assumption that 
the f i r s t dissociation of sulphuric acid is complete and the 
second dissociation is negligible a plot between 1/ [^ H^ '^^ and 
• <1- . 
k gives/straight linej. Observations at various hydrogen 
ion concentration are recorded belowj 
Table XXVI 
Dependence of in i t ia l rate on the concentration of hydrogen ion 
Temp.220c; C02 (30^)3=0. 02M; C^O^ = 0.2Mi ; Fumaric acid = 0.01 M. 
HgSO^ 1.95 2.55^ 
Time (Minutes) 
mole 1"'' 
Ac/ At.10'^ 
mole min"^ 
x.io"^ 
mole 
Ac/ z^t.10^ 
mole I'^min^ 
10 
20 
30 
40 
50 
60 
70 
25.1 
40.2 
54.0 
68.3 
75.2 
78.2 
84.1 
2.5 
2.0 
1 .3 
1.7 
1.5 
1.3 
1.2 
22.2 
40.1 
51.3 
60.4 
70.2 
72.4 
77.3 
2.2 
2.0 
1.7 
1.5 
1 .4 
1.2 
1.1 
( A c / At)Q. 10^ mole 
•^iK,-"' 2.S mm 2.5 
( F i g l® ) 
Dependence of reaction on sulphuric acid content 
®2I®4 2.65 2.75 2.95 
Table Ho. XXVI XXVI XXVII XXVII 
Line 1 2 3 4 
(Fig 11) 
Dependence of reaction on teperature. 
Temp-tK 310 305 300 295 290 
Table No. 3KIX XXIX XSC XXX XXX 
Lines 1 2 3 4 5 
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Table XXVII 
Dependence of in i t i a l rate on the concentration of hydrogen ion 
Temp»220C;C02 (30^)^=0.01M; GoS0^=0.2M; Fumaric Acid = 0.01 M. 
H2S0^ 2.75M 2. .95M 
Time (Minutes) 
x.10^ 
mole 1 
Ac/ it^t.10^ 
mole min" 
x.io"^ 
^ mole l"' ' 
Ac/ it^t.10^ 
mole r^min ^ 
10 18.1 1 i80 13.0 1 .30 
20 
30 
40 
50 
60 
70 
32.1 
42 ,2 
44.2 
55.0 
60.4 
66.5 
1 .60 
1 .40 
1 .10 
1 .10 
1 .00 
0.95 
3 2.0 
30.1 
38.0 
45.4 
48.2 
49.7 
1 .10 
1 .00 
0.95 
0.90 
0.80 
0.70 
( A c / A t ) . J m o l e l " 
mm 
•1 
2.00 1 .50 
Table XXVIII 
Dependence of 
Temp.220C; Go^ 
in i t i a l rate on the concentration of hydrogen ion 
(30^)^=0.02M; COgSO^ = 0.02M; Fumaric Acid = 0.01 M 
H^SO^ 3.45M 3 •95 M 
Time (Minutes) 
x.lO^ 
mole l"^ 
A c / A t .10^ 
-1 -1 mole 1 min -1 -1 -1 mole 1 mole 1 min 
10 
20 
30 
40 
50 
8.8 
16.1 
21 .2 
26.1 
30.2 
0.88 
0.80 
0.70 
0.65 
0.60 
5.5 
8.1 
9.0 
10.2 
10.0 
0.55 
0.40 
0.30 
0.25 
0.20 
^ mole 1-
min' 
-1 
-1 0.90 0.60 
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Temperature Dependence The oxidation Of fumaric acid 
has been studied at six 
di f ferent temperatures under identical conditions of concen-
tration and ionic strength. It is found that plot of log k 
vs . I/T does not f a l l in a straight line and consequently it 
appears that reaction is complicated and is not following 
Arrhenious equation. Therefore no thermodynamic functions 
could Ise calculated. 
Table XXIX 
Dependence of in i t i a l rate on temperature 
GogCSO^)^ = 0.038; CoSO^ = 0.2M; H2S0^=4.0M; Fumaric acid=0.02M 
Temperature ®K- 310 305 
x.10^ A c M t . l O ^ x.lO^ A c / At .10^ 
Time (Minutes) mole l"^ mole l^^min^ mole mole 
5 36.2 7.2 33.2 6.6 
10 67.0 6.7 60.0 6.0 
15 91 .6 6.1 76.6 5.1 
20 110.0 5.5 96.1 4.8 
25 137.6 5.1 115.0 4.6 
30 HO .0 4.6 119.8 4.0 
35 147.2 4.2 122.6 3.5 
40 160.1 4.0 124.0 3.1 
( A c / mole l""* 
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Table XXX 
Dependence of in i t i a l rate on temperature 
COgCSO^)^ = 0.038; GoSO^ = 0.2M; H2S0^=4.0M; Fumario acid=0.02M 
Temperature oK 300 295 
Time (Minutes) 
x.10^ 
mole 
/sc/ z^t.10^ 
mole min~^ mole 
A c / t.10' 
mole I ^ i n " 
5 19.5 3.9 14.5 2.9 
10 34.0 3.4 24.0 2.4 
15 42.5 2.9 30.2 2.0 
20 50.0 2.5 35.0 1.7 
25 53 .0 2.1 38.2 1 .5 
30 55 .0 1 .8 40.0 1 .3 
40 64.0 1 .6 46.0 1.1 
( A c/ At)Q.10'^ mole 1 ^ 
. -1 mm 4.4 3.4 
Table XXXI 
Dependence of in i t i a l rate on temperature 
COgCSO^)^ = 0.038; CoSO^ = 0,2M; HgSO^ = 4.0MJ Fumaric acid=0.02M 
Temperature oK 290 285 
Time (Minutes) 
mole 
A c / At.10^ 
mole l"^ min"^ 
4 
mole 
/ 4 Ac/ At .10 
mole min^ 
5 
10 
15 
20 
25 
30 
40 
12.6 
21 .1 
30.2 
32.1 
35.6 
36.2 
40.2 
.5 
2.1 
2.0 
1.6 
1.4 
1.2 
1 .0 
11,5 
20.0 
30.0 
36.2 
40.0 
42.0 
2.3 
2.0 
2.0 
1 .8 
1 .6 
1.4 
( A c / At)Q.10^ mole l " 
. -1 mm 
•1 
2.9 2.6 
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Discussion 
The reduction of cobaltic sulphate by water has been 
studied in detai l by Bawn and co-woriers—and it is reported 
to be quite f a s t . However, under conditions of our experi -
ment it is found that only 5% of cobalt ic sulphate was 
consumed in two hours whereas in the presence of the subs-
trate almost in every run, cobalt ic sulphate content was 
exhausted in 60 - 70 minutes. Therefore, self-decomposition 
of cobalt ic sulphate has been neglected in evaluating 
dif ferent rate constants. 
In some cases it is found that oxidation of the subs-
trate yielded formic acid as the end-product. Even quanti-
tative yield has been reported in the oxidation of formal-
dehyde. It is found that under identical conditions of 
experiments oxidation of tartaric acid was complete within 
two minutes, while that of maleic acid lasted for 50-60 minutes, 
and formic acid oxidation took 100 minutes. Therefore, it is 
assumed that formic acid is oxidated to a very small extent 
in the presence of maleic or fumaric acid. 
As oxidation of maleic and fumaric acids follow the 
same kinetics, it is assumed that f i r s t complex is formed 
through the double bond of the acid and not through the 
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carboxalate groups. It has been suggested by Sutcl i f f 
that in the presence of large amount of sulphate ions 
cobalt ic ion does not exist in the cat ionic form but 
forms several complexes with the sulphate ion. Bt high 
sulphuric acid concentration the important equilibrium 
be ing: 
Go^ "^  + HSO^ , GoS0| + h"^  Fast 
The considerable negative salt ef fect on the reaction 
indicates that either the slowest step of the reaction 
involves species of opposite changes or the slowest 
mot 
step is preceded by some equilibrium which is/favoured by 
higher ionic strength. Probably the above equilibrium •not 
is also/favoured by increasing ionic strength. Furthermore, 
the above equilibrium also jus t i f i es the retarding ef fect 
of hydrogen ion on the reaction rate . 
It has been argued in the General Introduction that 
free radicals from maleic and fumaric acids are very much 
stabilised and it is found that these radicals are not 
attacked by hydroxy 1 radicals . However, this does not 
exclude the possibii^ity of free^radical formation from 
maleic acid and neither it proves that other oxidising 
species are incapable of attacking this radica l . A 
number of d e f i ne have been hydroxy lated by cobalt ic salt • 
and authors have favoured the formation of free rad ica l s .^ 
proiahl-e •yuec/iatfiim h^ ^/c^ki A5^ 
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Co '^*" + HSO 
4 ^ 
CoSO^ + HSO^ V 
CoCSO^)" "I- S 
^Complex^ 
-D RCO^^I ^ 
dt 
GoSO^ + H"^  Fast (1) 
Co(SO.)r + H"^  Past, but 
slower than 1(2) 
( 3 ) 
( 4 ) 
[complexl 
Product 
k^ [Complsxl 
Applying steady state treatment for the complex, 
k j [ S " ] [ co (S0^ ) -1 
Applying steady state treatmeit for CoCSO^)^, we have: 
L s l [co(S04)^-k2[coS0j"l [HS0j. 
l s l -
Substituting this value in equation (b) 
dt M 
where k = k^kgKj ^HSOj ^ , HSOj^  is constant for a run. 
Simplifying the above equation. 
•o2 -o^ -0 6 -08 -lo -iz 
\ 
Fig.ta-Vftri&tioo in th% In i t ia l rate 
on hydrogen ion concentration. 
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, ^ dtco^^dt«k tco^"! [s]/ k j L^^ (tfith 
th© assumptions fehat coiwentration of hydrogen ion is f a i r l y 
high and also that ISj and Is^g ar© of tto sano ordor) . 4 
plot between in i t i a l rate and / [ n ' ^ ' ] ^ ( f i g a 2 ) var i f i es 
tho above ©spression. 
This eohema and the rate eitpression agrees satiofcictorlly 
with other ©xparimantal findingsp such ast (a ) the ordor with 
res pact to cobalt ic ion (b) the complex behaviour of th3 
substrate• 
It is d i f f i cu l t to givo a definite otructuro of tho 
comploK. It is probable, however® that Co(SO^)g- night infeeroot 
with th3 double bond and withdraws one electron fron itc thtjs 
leaving the substrate molecule deficient by one electron* Thon 
the reaction might proceed through carbonium ion GQ an intor -
ESdiate to give tstaric acid, which is further oxidised into 
formic acid and oarbondioxide • 
A probable sohemtio representation of the nschanism io 
given be low J 
[complex""] HOOC.CH—CH,00(31 
HOOC CH.GOQH ^ ^ ^ N HOOC.CH(OH) CH.COOH ^Co "^^  Z 
HOOC •CH(OH) cn .r. now .HOOC ,CH ( — ip,COOH 
OH OH 
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Introduction 
Bohringer, Long, Merzbach and Smitli considered the 
sulphates of ter and quadrivalent manganese to be formed as 
intermediate stages in the reduction of potassium permanga-
2 
nate dissolved in concentrated sulphuric acid, Carius has 
described the preparation of manganic sulphate by manganese 
dioxide. A Chilesotti measured the e .m.f . of the ce l l of the 
type, ^/So ln . Mn'" + Mn" / aUHgSO^/H^, SO^/Hg and calculated 
the normal potential for Mn^ "^  J> Mn^ "^  = 1.35 Volts; and 
the normal potential for Mn^ "^  ^ Mn^ "*" = 1.65 Volts. These 
high potential values explain the powerful oxidising action of 
e lectrolyt ical ly oxidised solution of manganous sulphate. 
Franke^ added that with water, the salt decomposes its 
sulphuric acid, manganous sulphate and a mixture of manganous 
oxide and manganic acid. 
It was observed by Ubbelohde^ that the use of potassium 
permanganate in volumetric analysis is hampered in some cases 
by poor end points. This is attributed to slow oxidation by 
permanganate ion. However, if these reductants, such as, 
hydrogen peroxide, nitr ites and vanadium salts are titrated 
against manganic sa l ts , very sharp end points are obtained. 
Manganic sulphate 'overcomes the principal d i f f i cu l t i e s in 
the use of potassium permanganate as oxidizing agent owing 
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to its more rapid action at corresponding concentration of 
permanganate. It appears that the f i r s t stage in the 
reduction of permanganate is slow involving a covalency 
change, and requires considerable activation energy.^ On 
the other hand reactions with manganic ion generally involve 
transfer of an electron from a definite orbit in one ion to 
the definite orbit of the other ion it requires an 
activation energy usually equivalent to the heat of reaction-
therefore , the rapid action of manganic ion readily understood 
It has been also suggested by Ubbelohde that owing to the 
presence of following equilibrium: 
+ OH ^ Mn^ "^  + 6H Mn-
OH + H5O , , HgO + HgO 
The free radicals such as OH and H26 may take part in the 
oxidation by manganic ion. aVs these ions are capable of 
oxidising the reductant by one electron transfer. 
Together with these ions there are possib i l i t ies that 
ion derived from manganese ( I I I ) or manganese (IV) states 
+ — 7 
such as MnO , MnO^  may also oxidise the substrate, ' Since 
reduction of permanganate ion is often preliminary to main 
oxidation, a study of this reaction, v i z . , between manganous 
ion and permanganate ion is very important. On the basis Q 
of these experiments, Tompkin proposed the following 
steps: 
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SM"^  + + MnOT ^ + MnO^ "^  + MnO^ "^  + 3H2O '4 
Kg 
Mn^ "^  + HgO ^ ^ MnO"^  + 2H^ 
m^'^ + HgO ^ MnO^ "^  + 
If it is assumed that Kg and K^  are small, so that in acid 
solution the principal form of Mn(lII) and Mn (IV) are 
2+ 
Mn and MnO , respectively, then from equilibrium { l ) the 
following relationship appears to hold true: 
MnO^VMn "^^  = l/3 
During the oxidation of organic compounds by acid 
permanganate, it is often believed that cations such as 
and Mn^ ^ are responsible for oxidation. Waters and 
DrummorK^  have extensively studied the oxidation properly 
of manganic compounds. Their f i r s t attempt with this 
reagent gave certain selective characteristic of manganic 
ion.^^ In their opinion the manganic pyrophosphate attacks 
the inorganic reductant in a way as one would expect from 
a reagent with oxidation reduction potential of 1.15 v o l t s — 
and it is found to be less vigorous than manganic sulphate 
because the later has much higher potential (1.51 vo l t s ) . 
i/iovus fXat 
The selectivity of action of manganic compoundSy(e« organic 
compounds such as male ic, fumaric and cinnamic acids are 
not oxidised either by cold manganic sulphate or by manganic 
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pyrophosphate at pHI and 50®C. In contrast, these organic 
substrates are at once attacked by permanganate iDn.(B) It 
is suggested that alcohols are not oxidised by manganic 
cation as such.^^ In this respect manganic cation resembles 
Ge but not Co*^  , and 1 : 2-glycols and glycoll ic acid 
can be oxidised, and this selectivity again resembles that of 
13 
eerie salts . This possibly suggests that some cylic 
intermediate is being formed, Malonic and oxalic acids, are 
also understood to be oxidised by way of cyclic intermediate. 
For formaldehyde, formic acid and chloral are mildly 
attacked by manganic sulphate and pyrophosphate does not 
oxidise them at a l l . However, other aldehydes and particularly 
those which can undergo enolLsation are easily oxidised by 
manganic compounds. Since olefins are not oxidised by 
manganic compounds it does not sound reasonable to assign 
the oxidisability of the endl form to the ease of electron 
release from C=jC! bond, 
R.GHg.CHO + H"^  ^ RGHg.CH i OH ^ ^^^^ n RCHSGHOH+H"^ 
It is found that these reactions are independent of the 
concentration of manganic ion. Therefore, leading to the 
postulation that rate of the reaction is determined by the 
rate of enolisation,^^ a similar case is observed in the 
oxidation of acetophenone by acid permanganate. With 
acetophenone and phenyl acetaldehyde a high in i t ia l oxidation 
rate is found, which f a l l s off rapidly to give an almost 
-104 
linear curve. When the permanganate concentration alone is 
varied, the linear portions of the curves become almost 
para l l e l , suggesting that the oxidation eventually becomes 
controlled largely by the rate of some internal rearrangement, 
such as enolisation of the molecule of the organic compound. 
1 R 
The scheme iss 
Ph.CO.GH^^ Ph.G (OH) : CHg 
Ph.GO.GH^ + KMnO| =—^ Oxidation products N Ph.G (OH) : CHg + KMnO^  ^—> Oxidation products 
If it is assumed that k^ k^  kg > the rate of the 
reaction in the beginning is given by, 
kg [Ph.GO.GH^l + k„ L^h.G (OH) : QE^ KMnO,. 
4 
However, its the reaction proceeds the endL form w i l l be reduced 
until (1) becomes rate controlling with respect to (3) 
thus giving the rate expressions 
kg ^Ph.CO.CH^"] [^ KMnO "^] + k-, [Ph.GO.GH^ 
as k ^ k g the f i r s t part contributes much less to the 
rate than the second part and consequently reaction 
exhibits a zero-order dependence on permanganate. 
The oxidation of alcohol does not proceed instantaneously 
in cold acid permanganate, which indicates that alcohols are 
attacked by some transient manganese ion, either Mn , 
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or Mn '^*'. However, from electron changes that are involved in 
the oxidation of alcohols to ketones, it appears that the 
1 6 attacking agency should be capable of two electron transitions, 
CHMeg OH •> GMeg OH + H"^  
GMeg OH — > MegC = 0 + H"^  
These two electron charges do not take place step-wise. It 
/that 
is evident from the fact/it w i l l give rise to free radical 
17 GMeg OH , which can decompose the molecular hydrogen 
peroxide' by chain sequence, 
CMe2 OH + HO OH 
» * 
OH + CHMeg OH > CJfe2 OH + HgO 
but the addition of acidified permanganate does not accelerate 
the decomposition of hydrogen peroxide by alcohols. Therefore, 
« 
formation of species, such as, CMe2 OH is ruled out. The 
two electron changes in manganic system can be postulated in 
two ways, namely: 
Mn'^ "^  ^ Mn^ "^  and Mn"^ "^  Mn^ "*". 
Since the pentavalent state of manganese is unknown even in 
complexes, therefore the transition Mn^ "^  Mn^ "^  is very 
much less probable. Therefore, it is believed that oxidation 
• al( 
i s : 
of lcohol is effected by Mn^ "*". The scheme suggested.by them 
MegC 
H 
Meg C 
H 
i 
0 
0: + Mn 
1 
H 
4+ 
^ Mn-.3+ 
^ / 
H 
Me p C 
H V . J 
+ 
0 
H 
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Mn 3+ 
—Mn 3+ 
Meg C = 0 + H"^  + Mn^ "^  
However, the selective oxidation of 1 $ 2 glycols by-
complex sa l t , manganic pyrophosphate, clearly involves one 
electron transfer and proceeds with the l iberation of free 
19 radicals from organic substrate. • Similar observations 
have been recorded for the oxidation pinacol by manganic 
20 
pyrophosphate. The presence of f fee radical has been 
marked by the formation of polymerisation products by the 
addition of vinyl cyanide. Since the l iberation of free 
radical demands one-electron change, the oxidising species 
has been proposed as Mn^ "*" cat ion,as such. 
The formation of free radical, i f formed at a l l , need 
not be reversible always. For example the oxidation of malonic 
acid appears to proceed through a free radical generated by 
a rapid and reversible step: 
Mn .3+ + CHg {C00H)2 V Mn^ "^  + H"*" +*CH (COOH)g 
The revers ib i l i ty of the above reaction is in f u l l accord 
with experimental facts , since (a) Oxidation is very much 
accelerated by the addition of vinyl cyanide, which is supposed 
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to remove the free radical as insoluble polymer, 
R* + GHg ! GH.GN ^ R.CHg .GH.GN* 
and consequently shifts the above equilibrium towards right -
and, therefore, the rate of disappearance of manganic 
21 
compound is enhanced. Secondly, the oxidising mixture is 
proved to contain a new potent oxidising species which is 
capable of oxidising monohydric alcohols, which are known to 
be unaffected by direct action of manganic pyrophosphate. 
Addition of a small quantity of alcohols accelerates the 
disappearance of manganic ion very appreciably. Therefore, 
it appears that free radicals generated from malonic acid 
constitute a rapid and reversible equilibrium with manganic 
ion. However, the oxidation of tartanic acid and mal-^ i^c acid 
gives positive response to the test of free radicals but the 
condition of revers ib i l i ty are not found. In the f i r s t 
place, where it disagrees with the kinetics of oxidation of 
malonic acid^is the fact that addition of vinyl cyanide 
decreases the rate of disappearance of manganic ion instead 
of increasing i t . And secondly, thefcee radicals formed 
have reducing and not the oxidising properties. In such 
cases the authors axe of the opinion that the f i r s t step 
involves a reversible formation of a chelated manganic 
complex, and then this complex slowly breaks down to give 
free radical and the oxidation of substrate proceeds 
subsequently. In fact , with tartaric acid an immediate 
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change of colour, viz from pink to brown, is observed. A 
2p 
similar mechanism has been proposed for pinacol oxidation. 
COOH 
E 
+ |Mn(H2P207)3| 
3- K , 
3R.0H 
CO 0\ \2-
^Mn(H2P20^)2V +H2P2O:; 
Slow ^ 
2 -
I 
GHR-
P* Mri' Mn H.COR CHR.OH + COg + |Mn(H2P20^)2| 
The product P* , for maleic acid is 
HOgC.CHg.GHO ^ HOgC.GH^^ OH) .CHO- •^COg + HGOOH 
and for tartaric acid, 
HOgGGH (OH).CHO ^HO.GH (G00H)2- -^2002 + HGO2H 
and for the oxidation of pinacol, the complex is assumed 
to break as: 
^2? 
MegG 0: 
;Mn 
•H 
-PO'OH 
^0 
IH 
y -P'O'O 
Me2G = 0 
+ 
Meg'G—0 
H 
In a l l the above cases, the in i t i a l rate of oxidation corres-
ponds to the form given below: 
2 -
1 1 
- d [Mn"'! /dt E r^n'"] 
2"7 A 
K.\^Substrate) 
Where k is the specific constant for the decomposition of 
the complex and K is the equilibrium constant through which 
the complex is formed. The above equation has been ver i f ied 
by the plofe of the reciprocal of in i t i a l rate against the 
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reciprocal of the concentration of the substrate. In such 
circumstances the concentration of the substrate is not 
calculable at any time in the run, but at the commencement 
of the reaction it cah be only slightly less than the total 
concentrat ion of the substrate. 
On the other hand oxidation which involves the reversible 
eq.uilibrium giving rise to free radicals leads to the ra te -
expression, 
- d [Mn'"l ^ „ fSubstratel [Mn'" J 
dt 1 K, ^ubstrate"] k [ M n ] + k 
where k ' s are different rate constants involved in the mechanism. 
Such reactions are characterised by the accelerating e f fect 
of oxygen on the reaction rate. As has been clearly demons-
trated in the oxidation of malonic acid and a l l y l alcohol 
The accelerating effect of oxygen is supposed to arise from 
formation of a hydroperoxide which has been detected, and it is 
assumed that hydroperoxide is capable of reducing Mn as well as 
oxidating to MnJ i . e . 
ROgH + 2 Mn^ "^  + HgO = ROH + + 
ROgH + + = ROH + + H2O 
Such reactions have been described by Kharasch.^^ These 
equations also explain why oxygen, which would yield RO* 
radicals , enchances the rate of reduction of Mn"^ ^ . Simila] 
from malonic acid the hydroperoxide may be formed from the 
followSng reaction, 
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Og + 'CH (CO H)2 ^ '0 0 CHCCOgH)^  
It is import a lit to make a mention of the fact that oxidation 
of malonio acid by manganic pyrophosphate appears to'undergo 
a complete change in the presence of oxygen. It is noted 
that formic acid is the end product of malonic acid but 
sometimes in the presence of oxygen formic acid couldn not be 
detected as the end product It has been postulated that 
the reaction whibh was previously following the route; 
malonic acid ^ tar tonic acid ^ glyoxylic acid ^ 
formic acid + COg is now proceeding through the formation 
of oxalic acid as intermediate, biecause it is known that 
mesoxalic and oxalic acids are oxidised by manganic pyro-
phospate directly into carbondioxide without giving formic 
acid. And therefore one of the changed set of scheme is : 
CO2H GOgH 
H G 0.0V. 
0 00 - S ^ b 
Fast 
-COo ^  H O.OH Mn 
CO^H 
HC 
+ 
H^ O 
O'OH -—^ > H 
CO^H 
GOgH 
cOiH 
OH 
OH 
0 -> 2 GOg + HgO 
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Although in most of the cases it is true that the oxidation 
by manganic compounds proceeds through the formation of reversible 
complex but this need not be generalised as the oxidation of 
a l l y l alcohol follows the kinetics: 
- d [Mn"'l /dt = Const, ^H^l 
The in i t i a l reaction appears to be constituted of 6nS; electron 
from 
abstraction'^allyl alcohol. However, even this reaction exhibits 
certain characteristics which indicate the presence of free 
radical at low concentrations of the reactant. 
A comparative study of the reaction of malonic acid with 
2 6 
marganic pyrophosphate and marganic sulphate shows that there 
is hardly any difference in the behaviour of these reagents, but 
the reaction being 4000 times faster with manganic sulphate in 
comparison to that of manganic pyrosphosphate. In fact, vanadium 
sulphate which reacts usually with much greater velocity with 
organic compounds such as atldehydes, hydroxy acids and ketones— is 
found to be slowest to oxidise malonic acid» Perhaps, the difference 
l ies in the fact that manganic compounds are capable of producing 
free radicals ffom malonic acid while vanadium sulphate is unable 
2 7 
to do so. The oxidation of cyclohexanol has shown that Hg ( l l ) 
and T1 ( I I I ) are powerful 2-electron oxidants and manganic sulphate 
is 1-electron oxidant. The rate is f i rst -order with respect to a l l 
these oxidants and is independent of acid content in case of 
Mn ( I I I ) and Hg ( I I ) reactions. The reaction has been found to 
proceed by formation of a reversible complex. It is 
observed that permanganate ion behaves closely 
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with Hg ( I I ) and Hg ( I I I ) ion and as well as/Co ( i l l ) 
indicating that permanganate can possibly behave in both wayi. 
On the other hand manganic sulphate f a l l s in the class of 
one-electron oxidant, such as* Co ( i l l ) and vandium. 
So far we have witnessed zero, f i r s t and second order 
reactions with respect to manganic ion. It is found in some 
; order 
of the reactions that/with respect to manganic ion is 
complex,, being f i r s t order in the in i t i a l stages» and at 
high concentration of manganic ion it shows a third order 
kinetics. It is possible, therefore,, that the reaction 
which in i t ia l ly involves the break-down of the manganese-
formic complex at high concentration of manganese ( I I I ) 
it is dominated by the reaction involving an attack by 
manganese (IV) on a manganese ( I I I ) — fornate complex, e . g . , 
2 + 
HG02Mn , or attack by manganese ( I I ) on a manganese ( IV ) , 
formate complex. The serious drawback constituted in this 
argument is that it requires electron movement from a strongly 
electropositive manganese atom. It is s t i l l not well 
understood that the oxidation involves one-electron or 28 paired electron shifts in this case, 
Exz^.^ the oxidation of cychohexanone, almost a l l 
oxidations by manganic compound show a retarding ef fect 
29 
of manganous ion^ Rosseinsky has found that the 
oxidation of nercurous ion by manganese ( I I I ) perchlorate vne involves as of/its kinetic terms, 
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- d ^Mn'T /dt = 211 I / K ; 
and has explained the retardation e f fect of manganous ion 
by the equilibrium, 
assuming that the oxidation by Hg ( l ) proceeds by an attack 
of Mn ( IV ) . But the retardation e f fect can also be explained 
in terms of a reversible equilibrium arising from the 
interaction of mangauiese ( I I I ) and the substrate to give an 
oxidizing radical and manganese ion. As has been ver i f ied 
in the oxidation of maloriis acid. 
Substrate + Mn' • (complex or Radical) Mn (a) 
Complex + Mn" Product + Mn' (b ) 
However, equation of these types do not indicate ',how the 
retarding e f fect of manganese ( I I ) can reach a limiting va lue— 
as has been found in the oxidation of cyclohexand, formic 
acid, malonic acid, and a l l y l alcohol. One possibi l ity is 
that the in i t i a l radical is removed by oxidation and 
reduction (backward, reaction of equilibrium a and b) , and 
partly by the interaction of two radicals among.- > themselves. 
According to the scheme: 
C,Hp-.OH + Mn" ^  ^ R* + Mn ( a ' ) 
R* + Mn" > product I + Mn' (b' ) 
2 R* ^product I I ( c ' ) 
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The reversibi l i ty of equilibrium ( a ' ) would cause manganous 
ion to depress the in i t ia l reaction Telocity but at 
high Mn ^^^^^ concentrationa sufficient radical concentration 
would build up to allow reaction ( c') to overcome ( b ' ) , the 
forward reaction of equilibrium (a ) w i l l become the rate 
determining step. Though equations a and c give a rate-
expression in agreement with the observed rate dependence 
on Mn ( I I I ) but they do not indicate strict f i r s t order 
dependence on a l l y l alcohol at low Mn^^^ concentration. 
Bat unfortunately reaction of a l ly l alcohol with manganic 
pyrophosphate is far too slow to be tested. 
The retardation of one-electron by added cations of 
lower valency has been a special feature of the oxidation 
systems of manganese compounds ~— because with their 
oxidants such as vanadium (V) cobalt ( I I I ) and Cer3nm(lY) 
no such observation has been reported. The presence of Mn^ 
compound has been frequently mentioned in aquous : Solution 
of high acidity. Manganese (IV) ions are associated with 
high redox potential and consequently a small addition of 
manganoas ion should effectively eliminate any oxidation 
of organic substrate by manganese ( IV ) . This explanation 
handsomely f i t s in the oxidation of alcohols because 
the two electron transfer scheme of Merz, Stafford and Water 
is appropriate for this oxidation as it is for the oxidation 
of alcohols by chromic acid. But it appears to be unjustified 
to assume that manganese (V) should always behave as a two-
3 0 
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electron oxidant and therefore the above explanation of 
the retardation ef fect of manganous ion should be taken as 
a specific case. 
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Experimental 
Manganic sulphate was prepared by the nethod employed 
by Ubbeohde which is described belows 
To 50 ml of a solution of manganous sulphate - nearly 
15 an in 1 l i t re of 6 N - HgSO^, 13 ml of n/2-potassium ' 
permanganate were added dropHrfise* The solution was kept 
in an ice bat?i and was ctaistantly stirred by an electr ic 
s t i r r e r . After each 4 ml addition of N/2-potassium per-
manganate, 2 ml of concentrated sulphuric acid was added 
gently. These precautions are necessary otherwise a brown 
coloured precipitate of higher oxides of manganese begins 
to form. Manganic sulphate was stored in a coloured bottle 
and stored in a refr igerator at 5°G. It was standardised 
against a standard solution of ferrous ammonium sulphate. 
Al l other solutions were prepared by weighing, and the 
chemicals used were of Ana]af: - (B.D.H.) grade. 
Preliminary experiments showed that manganic sulphate 
has the maximum absorbance at 510 It was also ver i f ied 
that variation in acid content from 2M to 4M does not change 
the optical density nor shifts the wave-length of maximum 
absorbance. Therefore standard solutions of manganic 
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sulphate were prepared by t i t rat ing against standard 
solution of ferrous-ammonium sulphate. The optical 
density of these solutions were determined at 510 i ^ . 
by Baush and Lombs spectronic 20, and a cal ibrat ion 
graph was drawn between concentration and absorbance. 
Although concentrated solutions of manganous 
sulphate show some absorbance at 510 r ^ but the 
concentrati'on range of manganous sulphate which has 
been used here is too di lute to show any absorbance. 
Therefore no correction is needed regarding the 
contribution of ma'nganous sulphate to the absorbance 
of manganic sulphate. 
The reaction mixture was prepared in the fol lowing 
way; A def inite volume of standard manganic sulphate 
solution with the req.uired volumes of manganese 
sulphate and sulphxiric acid were added to a f l a sk , kept 
immersed in a thermostat. Another f lask containing 
solution of siibstrate was also kept in the same bath. 
The two solutions were shaken occasionally. After the 
two solutions had attained the temperature of the bath, 
a required volume of the substrate was added to the 
reaction mixture. The time of addition of half the 
substrate was taken as zero time. After def inite 
intervals of time, 5 ml. aliquot was pipetted out, and 
to quench the reaction it was delivered to a test tube 
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containing 5 ml« of double-disti l led ice-cold water. Its 
optical density was imiaediately measured, and the concen-
tration of manganic sulphate was read from the calibration 
graph. This process of analysis was complete within 20 
seconds. Repeated experiments showed that there was no 
loss of reproducibility in the resu l ts . 
Manganous ions generally influence the kinetics of 
reactions involving mangauiic ion very much. Manganic ions 
are reduced to manganous as the reaction proceeds. Therefore, 
a l l runs were carried out in relatively high concentration 
of manganous sulphate so that its auto-retarding e f fect may 
not disturb the kinetics, law. The results were followed 
t i l l at least 60^ of the reaction was over. 
Identification of the Products Formic acid was 
identified in the 
reaction mixture by chromotropic acid test . This test has 
been described in detai l in the persulphate-chapter. Carbon-
dioxide was detected by lime-water test . Reaction mixture 
was tested for other possible products, such as, tartanic acid, 
g lycol l ic acid and glyoxalic acid but they were not found 
to be present. 
Sto chiometry Several sets were run simultaneously; 
mixtures of manganic sulphate and the 
substrate were prepared, keeping manganic sulphate fgir in 
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excess over fumaric and maleic acid in each case. These 
were kept in a bath maintained at 70.6^0 for 36-48 hours. 
When the optical density of the reacting mixture had become 
constant the reaction was assumed to be over. Unreacted 
manganic sulphate was estimated spectrophotometrically. The 
results showed that manganic sulphate reacts with the subs-
trate in the ratio of . 
Studies with Maleic Acid The progress of the reaction 
was followed by measuring 
the disappearance of manganic sulphate in the presence of 
high concentration ofm maleic acid. The plot between 
logarithm of concentration of manganic sulphate and time were 
good straight l ines, and the rate constants were determined 
from the slopes of these l ines . These data were not found to 
f i t in second and third order equations. 
Table I I 
Temp.70®C; HaSO^ = 5.75M; MnSO^  = 0.04M; Maleic Acid = 0.08M 
Time 
(Minutes) O.D. Cone . of Mn2(S0^)^ M x 10^ -4+log Mn2(S0^)^ 
0 
5 
10 
15 
20 
25 
30 
35 
40 
0.74 
0.63 
0.55 
0.49 
0.40 
0.37 
0.31 
0.27 
0.26 
0.690 
0.580 
0.510 
0.460 
0.360 
0.330 
0.280 
0.250 
0.230 
1 .84 
1 .76 
1.71 
1 .66 
1 .56 
1.51 
1 .46 
1 .40 
1.36 
Rate Constant -ii -1 3.20 X 10 min 
1.0 1.1 1.5 1.6 1.7 1.8 
lo^ CMx'"] 
<Fig» 1) 
Dependence of reaction on manganic ion concentration 
Manganic Sulphate x 10^ .69 .63 .49 .37 .69 
Table No. I I I I I IV V VI 
Line 2 3 4 5 1 
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Table I I I 
Temp.TiOoC; H2S0^ = 3.75M; MnSO^  = 0.04-M; Maleic Acid = 0.08M 
Time 
(Minutes) O.D. Cone.of MngCSO )^^  M x 1o' -4+log Mn2<S04)5 
0 0.68 0.630 1 .80 
5 0.60 0.560 1 .75 
10 0.51 0.470 1 .67 
15 0.44 0.400 1 .60 
20 0.38 0.350 1 .54 
25 0.35 0.320 1.50 
30 0.28 0.260 1 .42 
35 0.24 0.220 1 .34 
— ^ 
Rate constant 3.15 x 10 min 
Table IV 
MnSO^ = .04M; HgSO^ = 3.75M; Maleic Acid = 0.08M; Temp,70oC 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S04), 
0 0.54 0.490 1 .69 
5 0.46 0.420 1 .62 
10 0.38 0.350 . 1 .54 
15 0.32 0.300 1 .48 
20 0.27 0.250 1 .40 
25 0.22 0.200 1 .30 
30 0.20 0.180 1 .26 
35 0.18 0.160 1 .20 
40 0.14 0.130 1 .12 
Rate Constant 3.25 xlO min 
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Table XVIII 
MnSO^ = 0.04M; H2S0^ = 3.75M; Maleic Acid = 0.08M; Temp.70°C 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log MngCSO^)^ 
0 
5 
10 
15 
20 
25 
30 
35 
40 
0.41 
0.36 
0.29 
0,24 
0.19 
0.16 
0.15 
0.13 
0.11 
0.370 
0.330 
0.280 
0.240 
0.190 
0.150 
O.UO 
0.115 
0.110 
1.57 
1.52 
1.45 
1,38 
1 .28 
1.10 
1.(15 
1.07 
1 .02 
—2 -1 Rate Constant 3.15 x 10 min 
Table VI 
MnSO^  = 0 .04M; HgSO^ = 3.75M; Temp.TOoC; Maleic Acid=0.05M 
Time 
(Minutes) O.D. 
Manganic Sui|)hate 
H X 10^ 
-4 + log Mn2(S0^)^ 
0 
5 
10 
15 
20 
25 
30 
35 
40 
0.74 
0.74 
0.68 
0.62 
0.55 
0.52 
0.48 
0.42 
0.38 
0.690 
0.690 
0.610 
0.560 
0.500 
0.470 
0.440 
0.370 
0.360 
1.91 
1.84 
1 .80 
1.75 
1.70 
1 .67 
1 .64 
1.57 
1 .55 
—2 —1 Rate Constant 2.25 x 10 min 
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Table XVIII 
MnSO^  = 0.04M; HgSO^ = 3.75M; Temp.70°C; Male ic Acid=0.05M 
Time 
( Minutes ) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log MngCSO )^^  
0 
;5 
10 
15 
20 
25 
30 
35 
40 
0.54 
0.52 
0.43 
0.40 
0.36 
0.30 
0.28 
0.24 
0.21 
0.490 
0.460 
0.400 
0.360 
0.320 
0.280 
0.260 
0.220 
0.190 
1 .69 
1 .66 
1 .60 
1 .55 
1 .50 
1 .45 
1 .41 
1 .34 
1 .26 
Rate Constant 2.30 x lO^min"'' 
Table VI I I 
MnSO, = 0.04M 4 ;; HgSO^ = 3.75M; Temp.700C; Male ic Ac id = 0.05M 
Time 
( Minutes ) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S0^)5 
0 
5 
10 
15 
20 
25 
30 
35 
40 
0.37 
0.32 
0.30 
0.26 
0.24 
0.21 
0.18 
0.15 
0.13 
0.340 
0.290 
0.280 
0.250 
0.210 
0.190 
0.170 
0.130 
0.120 
1.53 
1 .46 
1 .45 
1 ^ 40 
1 .32 
1 .28 
1 .23 
1.12 
1 .08 
Rate Constant 2.25 X 10^ miiT^ 
M 1.1 1.5 1.6 1.7 i.e, 
L" 
(FiSt 2) 
Dependence of reaction on manganic ion concentration 
Manganic Sulphat^rM x 10"" 
Maleic Acid 
Table No* 
Line 
.49 
.05M 
YII 
1 
.34 .65 .57 
.05M *04M .04M 
Y I I I 
2 
X 
3 
XI 
4 
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Table XVIII 
MnSO^  = 0.04M; H2S0^ = 3.75M; Temp.70oC; Male ic Acid=0.04M 
Time 
(Minutes) O.D. 
Maoganic Sulphate 
M X 10^ 
-3 + log MngCSO )^^  
0 0.68 0.630 1 .80 
5 0.59 0.540 1.73 
10 0.53 0.480 1.68 
15 0.50 0.460 1 .66 
20 0.46 0.420 1.62 
25 0.40 0.370 1.57 
30 0.37 0.340 •1 .53 
35 0.33 0.306 1 .48 
40 0.30 0.280 1 .45 
1 .70 X Rate Constant 
Table X 
MnSO^  = 0.04M; H2S0^ = 3.75M; Temp.70oC; Male ic Acid=0.04M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S04)5 
0 0.41 0.370 1 .57 
10 0.35 0.320 1 .51 
20 0.29 0.270 1 .43 
30 0.25 0.230 1 .36 
40 0.20 0.190 1 .28 
50 0.17 0.160 1 .20 
60 0.14 0.130 1 .11 
90 0.09 0.080 0.90 
P ^ 
Rate Constant 1.65 x 10 min 
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Table XVIII 
MnSO^  = 0.04M; H2S0^ = 3.75MJ Temp.TQoC; Maleic Acid=0.04M 
Time 
(Minutes) 
Q jj^ Manganic S.ujphate -4 + log MngCSO )^^  
0 0.30 0.280 1.45 
10 0.25 0.230 1.36 
20 0.21 0.190 1 .28 
30 0.18 0.160 1 .20 
40 0.14 0.130 1 .11 
50 0.11 0.100 1 .00 
60 0.08 0.080 0.90 
70 » - -
80 - - -
90 
4 
•M * * 
1 .70 X lO^miH^ Rate Constant 
Table XII 
MnSO^  = 0.04M; HgSO^ = 3.75M; Temp.700G; Maleio Acid=0.027M 
Time * 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S0^)^ 
0 0.54 0.490 1 .69 
15 0.45 0.420 1 .62 
30 0.38 0.370 1 .57 
45 0.33 0.300 1 .48 
60 0.29 0.270 1 .43 
75 0.26 0.240 1 .38 
90 0.24 0.210 1.32 
1 .20 X Rate Constant 
A-O 1.1 1.3 I.'* 1-5 1.6 1.7 1.8 
(Fig . 3) 
Dependence of reaction on manganic ion 
Manganic Sulphate M x 10-* .37 .37 .37 .37 .37 
Maleic Acid ,04 .027 .02 ,02 .02 
Table No. XI XII XI I I XIV XV 
Line 5 3 5 2 4 
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Table XVIII 
MnSO = 0.04M; HgSO^ = 3 .75M; Temp.700C; Maleic Acid=0,02M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-3 + log Mn2(SO^)5 
0 0.74 0.690 1 .84 
15 0.64 0.590 1.77 
30 0.56 0.510 1 .70 
45 0.49 0.450 1 .65 
60 0.46 0.420 1 .62 
75 0.39 0.360 1 .56 
90 0.36 0.320 1.50 
105 0«32 0.290 1.46 
120 0.29 0.240 1.38 
0.80 X 10"^min^ Rate Constant 
Table XIV 
MnSO^  = 0.04M; H2S0^ = 3.75M; Temp.TQoc ±* lCj Maleic Acid=0.02M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log MngCSO )^^  
0 0.41 0.371 1 .57 
15 0.38 0.340 1 .53 
30 0.33 0.300 1 .48 
45 0.28 0.260 1.42 
60 0.23 0.220 1 .34 
75 0.20 0.200 1 .30 
90 0.18 0.170 1 .23 
120 0.13 0.120 1 .08 
k = 0.80 X — ^ IT 10 ^min ' 
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Table XVIII 
MnSO^  = 0.04M; H SO = 3.75M; Temp.70 ± *1C; Maleic Acid=O.OlM 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log MngCSO^)^ 
0 0.41 0.370 1 .57 
30 0.36 0.320 1 .50 
60 0.34 0.310 1 .49 
90 0.32 0.280 1.45 
120 0.29 0.270 1.43 
150 0.24 0.230 1 .36 
180 0.22 0.210 1.32 
210 0.18 0.170 1.23 
240 0.15 0.140 1.15 
k = 0.38 X 10'^min"'' 
To determine the order with respect to maleic acid the rate 
constants given in preceding tables were divided by the 
respective concentration of the substrate. The quotients thus 
obtained were the same, indicating thereby the f i r s t order 
dependence on maleic acid, which is also evident from f i g . 
Table XVI 
First order dependence on the concentration of Maleic Acid 
MnSO^  = 0.04M; HgSO^ = 3 .75M; Temp. 70 ± 10C. 
Maleic Acid (M) 0.080 0.050 0.040 0.027 0.020 0.01 
k X 10^ (min'"") 3.200 2.250 1 .700 1 .200 0.800 0.38 
k/M 0.400 0.430 0.420 0.41 0.400 0.38 
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Influence of Manganous Sulphate The ef fect of manganous 
sulphate concentration 
on reaction rate has been stu{iied by varying the concentration 
of MnSO ,^ keeping other factors , such as, ionic strength, 
maleic acid concentration, HgSO^ concentration and temperature, 
constant. The ionic strength was manipulated by adding required 
ajaount of zinc sulphate. Gonductrometric nasasurements showed 
that zinc sulphate ioes not foria any complex with the substrate. 
Waters have also used zinc sulphate on the oxidation-rate of 
formic acid. The rate f a l l s sharply in the beginning and 
f ina l ly assumes a constant value (see f i g .No . 10 )• Rate 
constant for different concentration of manganous sulphate 
are recorded below? 
Table XVII. 
Influence of manganous sulphate on reaction rate 
H2S04=3.75M;Mn2(30^)5=5.0 x lO^M;Maleic Acid=0.02M;MnS0^=0.01 M; 
ZnSO^= 0.1 5M 
Time 
(Minutes) 0»D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mng(30^)5 
0 0.540 0.500 1 .70 
20 0.415 0.380 1.58 
40 0.550 0.320 1 .50 
60 0.270 0.250 1 .40 
80 0.185 0.180 1 .26 
100 0.170 0.160 1 .20 
120 0.130 0.130 1 .11 
k =2 .50 X lO-^ffiin"'' 
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Table X V I I I 
Influence of Manganous Sulphate on reaction rate 
HgSO^a 3.75MJ Mn2(SO^)3= 5.0 x m; Maleic Acid=0»02M;MnS0^«0<,02j 
ZnSO^ = 0»14M. 
Tims 
(Minutes) 
Manganic Sulphate 
M X 10^ 
-4 + log Mn^SO^)^ 
0 0«540 0.506 1o70 
20 0.450 0.430 1.63 
40 0.420 0.390 1.59 
60 0.330 0.340 1.53 
80 0.250 0.240 1o38 
100 0.230 0.220 1o34 
120 0.180 0.180 1.25 
k si X 10"^ min"'' 
Table XIX 
Influence of Manganous Sulphate on reaction rate 
HgSO^e 3.75M; MngCSO^)^^ 5.0 x lO'^Mj Maleic Acid=0.02M;MnS0^=0o04M 
ZnSO^ « o<,12M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 105 -4 + log Mng(30^)3 
0 0.540 0.500 UTO 
20 0.480 0.450 n65 
40 0.420 0.380 1.58 
60 0.360 0.340 1.53 
80 0.290 0.280 1.45 
100 0.260 0.240 1 .38 
120 0.220 0.200 1.30 
0.80 X 10"^ min'"' 
1.A "iA t-S 
(Fig . 4) 
Dependence of reaction on manganous ion 
Min( l l ) .01M .02M .04M •10M .12M .I^M 
Table Ho. XVII XVIII XIX XX XXI XXII 
Lines 6 5 4 3 2 1 
-129 
Table XVIII 
Influence of manganous sulphate on reaction rate 
HgSO^a 5.75M; Mng(30^)^=5.0 x 10^M; Maleic Acid=0.02M;MnS0^=0.l0M; 
ZnS0^= 0.06M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log MnsCSO^)^ 
0 
50 
60 
90 
120 
150 
180 
0.540 
0.490 
0.420 
0.350 
0.270 
0.225 
0.180 
0.500 
0.460 • 
0.380 
0.320 
0.250 
0.210 
0.180 
1 .70 
1 .66 
1 .58 
1 .50 
1 .40 
1.32 
1.25 
k = 0.75 -2 -1 X 10 min ' 
Table XXI 
H230^=3.75M;Mn2 (30^)3= =5.0 X lO^M; Maleic Acid=0.02M; MnS0^=0.12M; 
-ZriSO^= 0.04M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S0^)3 
0 
30 
60 
90 
120 
150 
180 
0.540 
0.500 
0.430 
0.360 
0.280 
0.240 
0.185 
0.500 
0.470 
0.390 
0.340 
0.260 
0.240 
0.190 
1 .70 
1 .67 
1.59 
1.53 
1 .41 
1 .38 
1.28 
0.65 X 10''^min"'' 
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Table XV I I I 
HgSO^s 3.75M; Mng (SO^)^^ 5.0 x Maleic Acid=Oo2MjMiiS04=0e1IE 
Time 
(Minutes) 
O.D. Manganic Sulphate 
M X 10^ 
-4 + log MngCSO^)^ 
0 0.54 0.500 1 o70 
30 0^49 0.460 n66 
60 0.43 0.390 U59 
90 0.39 0.350 1 .54 
120 0.30 0.290 1o46 
150 0.29 0.270 1.43 
180 0.20 0.210 1o32 
k = Oo55 X lO^min^ 
Influence of Hydrogen Ion As manganic ions are stable 
only in strong acidic medium, 
it was not possible to study the influence of hydrogen ion on 
the reaction rate by varying the pH of the medium. Neverthe-
less , hydrogen ions as such has been varied ty varying the 
HgSO^ content of the reaction mixture keeping HgSO^ + N^HSO^ 
constant. This has been done so as to keep the ionic strength 
and HSO4 - content of tte medium constant. Sulphiiric acids, 
at such high concentration can safely be taken as dissociated 
to f i r s t degree, and the second dissociation has been 
neglected. On this basis, H'^-ion content of the reaction 
medium has been calculated. 
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Observations with various H2S0^-content at 70^ M^G are 
reg istered below: 
Table XXII I 
MnS0^=0.02M; Mng (30^)^=0.0028M; Male ic Acid=0.02M;NaHS0^=nil; 
HgSO^ = 2-,1M 
Time 
( Minutes ) O.D. 
Manganic Sulphate 
M X 10^ 
-4 + log Mn2(S04)3 
0 0 .330 0.280 1 .45 
10 0.200 0.190 1 .28 
20 0.145 0.150 1 .18 
30 0.098 0.090 0.95 
40 0.071 0.070 0.84 
50 0 .040 0.030 0.45 
k = 4.10 X 10~2 min"'' 
Table XXIV 
Mn2 (30^)^=0.0028M;Male ic Acid=0 .02M;MnS0^=0 .02M;NaHS0^=0 .5M; 
H g S O ^ = 2 . 6 M 
Time ^ ^ Manganic Sulphate . , , ,, v 
( Minutes ) ^ ^^^ hng (80^)3 
0 0.330 0.230 1 .45 
10 0.220 0.200 U30 
20 0.180 0.180 1.14 
30 0.110 0.130 0.99 
40 0.080 0.080 0,90 
50 0.055 0.050 0.70 
60 0.040 0.030 0.52 
k = 3.54 X 10"^ min""'' 
0.6 0.T 0.6 0.9 <>0 1.1 l i ^ X i l V ^ t ? " 
a no 
i^ep«BdeBc« of reaction on hydrogen loa, 
3.6 M 4.1M 2.1« 2,6M 
Table «o. XXlIl XAXV AAVI AA^^II 
i^ine 4 3 2 1 
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Table XVIII 
MnS0^=0,02M;Mn2 (30^)^=0 .0028M;Maleic Acid=0.02M;NaHS04=1 .M; 
HgSO^ = 3.1M 
Time 
(Minutes) O.D. 
Manganic Sulphate 
M X 10^ 
4 + log Mn2(S0^) 
0 
10 
20 
50 
40 
50 
60 
0.330 
0.230 
0.170 
0.100 
0.094 
0.069 
0.050 
0.280 
0.230 
0.170 
0.090 
0.085 
0.065 
0.045 
1 .45 
1.31 
1 .18 
1 .05 
0.92 
0.81 
0.65 
k = 3 .07 X -2 -1 10 min 
Table XXVI 
MnS04=0.02Mj tMng (30^)5=0 .0028M;Maleic Acid=0.02M 
HgSO^ = 3: .6M 
;NaHS0^=1 ,5M; 
Time 
(Minutes) O.D. 
Manganic Sulphate ^ 
M X 10^ 
+ log MngCSO^)^ 
0 
10 
20 
30 
40 
50 
60 
0.330 
0.240 
0.190 
0.140 
0.110 
0.088 
0.064 
0.280 
0.240 
0.190 
0.136 
0.101 
0.081 
0.059 
1.45 
1 .33 
1 .22 
1 .10 
1 .00 
0.88 
0.77 
k = 2.87 X 10"^ min"'' 
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TaDle XXVII 
MnS0^=0 .02M;Mn2 (SO^ >^=0 .0028 J Male ic Ac id=0.02 Mj NaHS0^=2 ,0; 
HgSO^ = 4.1 M 
Time 
(Minutes) O.D. 
Concn. of 
Mng(30^)3 
-4 + log Mng (304)5 
0 0.3:30 0.280 1.45 
10 0.255 0.250 1.40 
20 0.210 0.210 1.32 
30 0.160 0.164 1 .21 
40 0.120 0.110 1.04 
50 0.100 0.090 0.95 
60 0.094 0.085 0.(53 
k = 2.45 X lO'^min"'' 
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Influence of Ionic Strength ^ varying the concentration 
of sodium perch loratethe 
ionic strength of reaction mixture has been regulated. Eiaeping 
other factors, such as, concentration of the reactantSp concen-
tration ofmanganous sulphate, and temperature exactly identical, 
the concentration of perchlorate has be©n changed. Ionic 
strength of the medium has been calculated on the following 
assumptions: 
(a) The f i r s t dissociation of sulphuric acid is 
complete and second dissociation is raagligible; 
(b) Al l inorganic salts present in the system are 
completely dissociated; 
(c) Maleic Acid does not contribute signif icantly 
to ionic strength. 
Table XXVIII 
MnS04=0»04M;H2S0^=3.25M;Maleic Acid=O.05M;Mn2(S0^)5a0e0026; 
MaClO^ = mil : i « 3.45 
Time 
(Minutes) O.D. 
Goncn. of 
Mng(30^)3 -4 + log MngCSO^)^ 
0 0.280 0.260 n42-
10 0.240 0.230 1 .36 
20 0.200 0.200 n30 
30 0.170 0.155 1 .19 
40 0.140 0.135 1.13 
50 0.120 0.110 1 .04 
60 0.100 0.094 0.97 
75 0.090 0.084 0.82 
90 0.050 0.047 0.72 
• 
k s 1 o80 X 10"^ min 
0.8 o-'J '>2. 1-2 '•••5 ^ •'i 
(Fig . 5A) 
Dependence of reaction on ionic strength 
Ionic Strength 3.45 3.95 4.45 5.45 
Table No. XX7III XXIX XXX XXXI 
Lines 4 3 2 1 
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Table XVIII 
MnS0^=0.04 ;H2S0^ ==3 .25M;Male ic Acid^0.05M;Mn2 (S0^)^=0 .0026M; 
lJaC104=0.5; i = 3.95 
Time 
(Minutes) O.D. 
Concn. of 
MngCSO )^^  -4 + log MngCSO )^^  
0 0.280 0.260 1.42 
10 0.250 0.240 1 .38 
20 0.215 0.210 1 .32 
30 0.185 0.160 1 .20 
40 0.160 0.145 1.16 
50 0.135 0.130 1 .11 
60 0.120 0.105 1 .02 
75 0.095 0.098 0.95 
90 0.070 0.065 0.81 
1 .53 X 
Table XXX 
MnS0^=0.04;H2S04=3.25M; Maleic Acid=0.05M;Mn2(S0^)^=0.0026M; 
NaClO^ = 1 .OM; i = 4.45 
Time 
(Minutes) 0.,D. 
Concn. of 
Mng (30^)3 -4 + log MngCSO )^^  
0 0.280 0,260 1.42 
10 0.260 0.245 1.3^ 
20 0.220 0.215 1.33 
30 0.195 0.200 1.30 
40 0.165 0.155 1 .19 
50 0.145 0.130 1.11 
60 0.125 0.120 1 .08 
75 - - -
90 0.095 0.098 0.90 
k = 1 .43 X 10 min 
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Table XVIII 
MnS0^=0.04;H2S0^=3.25M; Maleic Acid=0.05M;Mn2(S0^)^=0,0026M; 
NaClO^ = I.OMj i = 4.45 
Time 
(Minutes) 0. .D. 
Concn. of 
Mng (30^)3 -4 + log MngCSO )^^  
0 0, .280 0.260 1 .42 
10 0. .270 0.250 1,40 
20 0 .230 0.210 1.32 
30 0 .210 0.190 0.28 
40 0 .180 0.170 0.23 
50 0 .160 0.145 0.16 
60 0 .135 0.130 0.11 
75 0 .120 0.120 1 .00 
90 0 .110 0.100 0.93 
k = 1 ,21 X lO'^min'"'' 
Temperature Dependence For the calculation of activation 
energy, the reaction was followed 
at dif ferent temperatures between 59® to 74®G. Activation 
energy has been calculated graphically ard found , - 16.2' K Gals 
and the temperature coefficient is nearly 2. The different 
formulae used for evaluating thermodynamic functions such 
as As''' and AvF^ are described on page 38. The entropy 
of activation ( A S t ) and A-F*^  are found to be --27.0 and 
25.5 (at 74®C) respectively. 
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Table XVI I I 
MnSO^  = 0.04M; HgSO^ = 4M; Maleic Acid = 0.03M;Mn2"(30^)^=0.00325 
Time 
(Minutes) O.D. 
Goncn. of 
Mng (304)3 
M X 10^ 
-4 + log Mng (304)3 
0 0.355 0.325 1.51 
10 0.295 0.270 1.43 
20 0.250 0.230 1.36 
30 0.225 0.205 1.31 
40 0.200 0.190 1 .28 
50 0.170 0.165 1,20 
60 0.145 0.135 1.11 
Temp, 347®K k = 1.60 X 10^ min"^ 
Table XXXIII 
MnSO ^ =0.04M; HgSO^ = 4M; Maleic Acid = 0.03M; MngCSO^)^ = 0.00325 
Time 
(Minutes) O.D. 
Goncn. of 
MngCSO )^^  
M X 10^ 
-4 + log MngCSO^)^ 
0* 0.355 0.325 1.51 
20 0.305 0.280 1 .45 
40 0.270 0.245 1 .39 
60 0.240 0.220 1.34 
80 0.200 0.190 1 .28 
100 0.180 0.170 1 .23 
120 0.150 0.140 1.15 
Temp. 3420K k = 1 .3 X 10^ min"^ 
1-0 1.1, 1.1 1-5 
loijCMn""] 
(F ig . 6) 
Dependence of reaction on temperature 
Temp. OK 547 342 337 333 
Table No. XXXII XXXIH XXXEV XXXV 
Lims 4 3 2 1 
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Table XVIII 
MnS0^=0,04M; H2S0^=4.0M; Maleic Acid = 0.03M;Mn2 .00325M 
Time 
(Minutes) O.D. 
Concn. of 
Mng (30^)5 
M X 10^ 
-4 + log Mng(30^)3 
0 0.355 0.325 1 .51 
20 0.330 0.300 1 .48 
40 0.305 0.280 1.45 
60 0.280 0.250 1.40 
80 0.260 0.230 1 .36 
100 0.240 0.220 1 .34 
120 0.210 0.190 
Temp. 337®K k = 0.85 X 10^ min"'' 
Table XXXY 
MnS0^=0.04M; H2S0^ = 4.0M; Maleic Acid = 0.03M;Mn2 (SO^)^ =0.00325M 
Time 
(Minutes) O.D. 
Concn. of 
Mng(30^)3 
M X 10^ 
-4 + log MngCSO^)^ 
0 0.355 0.325 1 .51 
20 0.340 0.310 1.49 
40 0.310 0.285 1 .45 
60 0.300 0.275 1 .43 
80 0.280 0.250 1.40 
100 0.260 0.230 1.36 
120 0.230 0.210 1 .32 
Temp. 33'2°K k =0.62 X 10^ min"^ 
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Studies with Fumaric Acid The progress of the reaction 
was followed by an identical 
method which has been described for maleic acid. The plot of 
observed O.D, (which is a measure of manganic sulphate concen-
tration at that time) against time gave good straight lines» 
Data do not f i t in any other standard kinetic equation. The 
zero order rate constants were calculated from the slope of 
the lives obtained by plotting O.D. against time. These rate 
constants were multiplied by 0.95, a factor which converts 
optical density into corresponding concentration of manganic 
sulphate. Tables reported below indicate the zero order 
dependence of the reaction on manganic sulphate. 
Table XXXVI 
Temp. 700C; HgSO^ = 3.75M; MnSO^  = 0.04M; Fumaric Acid = M/30 
Concn. of 
Mng (SO^)^ 6,27 X 10"^ M 3.85 X 10"^ M 2.40 X 10"^ M 
Time 
(Minutes) O.D. 
0 
10 
20 
30 
40 
50 
60 
70 
80 
0.660 
0.620 
0.580 
0.530 
0.480 
0.450 
0.400 
0.350 
0.310 
0.410 
0.370 
0.340 
0.300 
0.265 
0.220 
0.200 
0.160 
0.120 
0.260 
0.220 
0.1 60 
0.105 
0.050 
0.010 
Rate constant^ , 
Moles m i n - M 4.270 x 10 ^ 4.270 X 10"^ "4.30 x 
Mean 4.28 x 10 -3 
.1 >2 ••5 S' -6 
O.b.for [ M W ] 
(Fig , 7) 
Dependence of reaction on manganic ion. 
.66 ,41 .26 .41 
XXXVI 
7 
XXXVII XXXVIII XXXVIII XXXVIII XXXIX 
O.D. 
Table No* 
Line 
Table No. 
XXXVI 
3 
XXXVI 
9 
XXXVII 
6 
XXXIX 
Line 4 5 8 10 2 1 
O.D. .66 .66 .41 .26 .66 .66 
Fumaric acid M M M M M M 
25 15 15 15 30 40 
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Table XXXVII 
Temp 70 ± ' fC ; MnSO^  = 0.04M; H2S0^ = 3 .75M; Pumaric acid = ^20 
Concn. of 
Mng(30^)3 6,27 X 10""^ M 3,85 X 1 0 " ^ M 2.40 X 10""^  M 
Time 
(Minutes) O.D. 
0 
, 10 
20 
30 
40 
50 
60 
70 
80 
0.660 
0.600 
0.540 
0.470 
0.420 
0.360 
0.310 
0.260 
0.210 
0.410 
0.360 
0.300 
0.250 
0.200 
0.150 
0.090 
0.260 
0.200 
0.150 
0.100 
0.050 
Rate Constant , _ _ 
Moles min-^ l-"" 5-9 x 10"^ 5.80 x 10"^ 5.85 x 
Mean 5«85 x 10"^ 
Table XXXVIII 
Temp. 70° - MnSO^  = 0,04M; HgSO^ = 3.75M; Fumaric acid=M/l5 
Concn. of 
Mn2 (30^)5 6.27 X 10"^ M 3.85 X 10'^ M 2.4 X 10"^ M 
Time 
(Minutes) O.D. 
0 
5 
10 
15 
20 
25 
30 
35 
40 
0.660 
0.630 
0.600 
0.550 
0.520 
0.490 
0.440 
0.400 
0.360 
0.410 
0.370 
0.330 
0.300 
0.260 
0.230 
0.180 
0.150 
0.120 
0.260 
0.230 
0.190 
0.150 
0.120 
0.095 
Rate constant 
Moles min~^ 
8.(37 X 10"^ S.1'0 X 8i.8(5 X 
Mean S .06 x 10 5 
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Table XXXIX 
3 
Temp.TOo +*10Cj MnS04= 0.04M; HgSO^ = 3.75M; Mn2(SO^)^ ;6.27 x 
Fumar ic Ac id M/40 M/35 n/25 
Time A n 
(Minutes) U »U » 
0 0.660 0.660 0.660 
10 0.640 0.620 0.600 
20 0,600 0,580 0.550 
30 0,590 0.570 0,500 
40 0,550 0.530 0.460 
50 0,530 0.500 0,390 
60 0,500 0.480 0.330 
70 0,470 0.4^0 0.270 
80 0,430 0.400 0,210 
Rate Constant Mole mini]2.95 ^ lO^^ 3.5 X 10"^ 5.0 X 
Order with Respect to Substrate Rate constants in tables 
37-40 were divided by 
the corresponding concentration of the substrate? the resulting 
quotient was found,to be constant (see table L) suggesting 
thereby the f i r s t order dependence on the concentration of the 
substrate • 
Table L 
Temp.70- 'loQ ;MnS0^=0.04M;H2S0^=3 .75M;Mn2 (30^)^*6.27 x M, 
Concn, of m/ic 
Fumar ic Acid F M/20 M/25 M/30 V35 M/40 
k X 10 moles min 8.06 5.85 5.00 4.28 3.50 2.45 
k/F 0,120 0,118 0,125 0,129 0 . 1 2 2 0.118 
(Fig» 8) 
Dependence of reaction on manganous ion 
Mn(II) 
Table No. 
Line 
10 .04 .02 
LI LI LI 
1 2 3 
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Influence of Manganese Sulphate Gomplexometric studies, 
as was done with maleic 
acid, show that neither mar^anous ions nor Zn ( I I ) form any-
complex with fumaric acid under conditions which have been used 
for the kinetic studies at present* The iahibitory ef fect of 
MnSO^  which is a common feature of manganic readtions, is 
quite noticeable. The rate constant goes on decreasing with 
the concentration of the manganous sulphate. (See table L I ) . 
The loss in ionic strength was compensated by zinc sulphate. 
Table LI 
Temp.TOi •10C;H2SO^= x lO"^M;Fumaric Acid=M/60. 
Concn. of MnSO^  0.01 M 0.02M 0.04M 0.10M 0.12M 
Concn. of ZnSO^ 0.1 5M O.UM 0.12M 0,.06M 0.04M 
Time (Minutes) O.D # 
0 0.420 0.420 0.420 0.420 0.420 
30 0.380 0.390 0.395 0.400 0.400 
60 0.330 0.345 0.345 0.350 0.360 
90 0.280 0.290 0.300 0.320 0.330 
120 0.240 0.250 0.265 0.275 0.280 
150 0.190 0.200 0.210 0.215 0.225 
180 0.140 0.150 0.170 0.180 0.185 
A -1 
k X 10^ moles min 1 1.890 1,780 1 .550 1.226 1 .100 
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Hydrogen ion influence As has "been reported before 
that the rate constant for 
the maleic acid reaction decreases with the concentration 
of sulphuric acid, ^ust the saiae ef fect is observed for 
fumaric acid reaction. This clearly suggests that t l^ 
two reactions are proceeding through different mechanism. 
ObservatioE^ at various hydrogen ion concentration are 
recorded below: 
Table LII 
Temp.Toi '1 "C ;MnS04a0.02M;I'umaric Acid=0.027;Mn2(S04)3«3.85 x T^ M 
Concn. of HgSO^ 4;1M 3.6M 3.1M 2,60M 2.1M 
Concn. of NaHSO^ - 0.5M 1 .OM 1 .5M 2.0M 
Time (Minutes) O.D. 
0 0.400 0.400 0.400 0.400 0.400 
10 0.350 0.340 0.330 0.320 0.300 
20 0.325 0.300 0.295 0.280 0.270 
30 0.300 0.270 0.260 0.255 0.240 
40 0.275 0.250 0.240 0,230 0.210 
50 0.250 0.240 0o220 0^200 0.190 
60 0.200 0.185 0.180 0.160 0.140 
4 -1 k X 10 moles min.| 2.75 3.63 4.23 5.200 6.450 
The concentration of hydrogen ion has been calculated on the 
assumption that the f i r s t dissociation of sulphuric acid i s 
P.O. 
(F ig . 9) 
Dependence of reaction on ionic strei^th 
Ionic Strength 5.45 3.95 4.45 4.95 
Table Ho, L I I I L I I I L I I I L I I I 
Line 1 2 3 4 
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complete, and the second dissociation is negl igible« 
Influence of Ionic Strength The nethod of calculation 
applied to evaluate the 
ionic strength has been described in detai l under maleic 
acid. Studies with fumaric acid also show a slight negative 
s a l t . Similar observation has also been reported by Waters 
for the oxidation of malonic acid by manganic sulphate. 
1/2 
However, the plots of i ' vs . log K do not give any 
information about the nature of the reactive species. 
Table L I I I below records the observation at various ionic 
strengths. 
Table L I I I 
Tempo70-*10C jMnS04s:0.04M;H2S0^=3 •25M;Pumaric acid=Oe04M; 
MnCSO )^^  = 4.7 X 10^M 
NaClO^ n i l 0,5M 1 .OM U5M 2,0M 
i 3e45 3o95 4.45 4.95 5.45 
Tims (Minutes) O.D. 
0 0.550 0.550 0.550 0.550 0.550 
10 0.490 0.500 0.505 0.510 0,525 
20 0.440 0.450 0.460 0.470 0,480 
30 0.400 0,420 0.425 0.435 0,445 
40 0.360 0.375 0.390 0.400 0.420 
50 0,320 0.325 0.340 0.350 0<,390 
60 0.270 0.275 0.300 0.300 0,340 
70 0.230 0.240 0.265 0.265 0,300 
80 0.190 0.205 0.230 0.240 0,260 
k X 10^ 
moles min 5«240 5.000 4.700 4,590 4.450 
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Temperature Dependence Reaction has been studied under 
identical conditions of reactant 
concentration at four di f ferent temperatures. Activation 
energy has been calculated graphically and other thermo-
dynamic functions have been calculated from formula mentioned 
already (p 58)* Observations at various temperatures are 
recorded below: 
Table LIV 
MnSO^  = 0.04M; H2S0^ = 4M; Fumaric Acid = 0.04M;Mn (30^)^=3.75x101 
Temperature ®K 347 342 332 
Time (Minutes) O.D. 
0 0.400 0.400 0.400 
20 0.350 0.370 0.390 
40 0.300 0.320 0.370 
60 0.250 0.270 0.350 
80 0.200 0.230 0.330 
100 0.160 0.200 0.310 
120 0.120 0.150 0.300 
4 -1 -1 k X 10 moles min 1 1 .97 1 .32 0.770 
Values of various thermodynamic functions are as follows; 
Sa = 13.28, A F = 28.57, and AS = -46.1 
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Discussion 
In highly acidic medium rapid exchange takes place 
3 + 2 + between Mn and Mn , 
(1) , Mn"^ ^ + Mn^ "^  
On the basis of their studies on the oxidation of 
malonic acid by manganic pyrophosphate^ Waters and Drummond 
have discarded the presence of the above equilibrium^ 
because under conditions of their experiment primary alcohols 
which are believed to be oxidised by Mn''"^  remained unaffected. 
It is found in the present case as well that primary alcohols, 
such as, ethyl and methyl alcohols are not oxidised by manganic 
sulphate in 6-8M sulphtiric acid. 
It has been noticed that the oxidation rate of maleic 
acid is at f i r s t sharply f a l l s with the concentration of 
manganous sulphate and then assumes a more or less constant 
value. It indicates that oxidation of maleic acid is proceeding 
by two paths and one of them is being affected by manganous 
ion. However, it does not seem probable that Mn^ "*^  retards 
the reaction by removing Mn''"^  from the reaction medium, 
because participation of or any of its derivative would 
require a second order rate law and this is ruled out 
by experiniental f indings. 
-147 
It has already been mentioned in the Introduction that 
free radicals from male ic and fumaric acids are very stable 
and they do not usually take part in the oxidation. Also 
addition of vinyl cyanide does not affect the rate of 
reaction. In view of this observation, it is concluded that 
maleic acid is not being oxidised by free radical mechanism. 
The fact that the rate is retarded by ionic strength shows 
that at least one of the slow steps or some equilibrium prior 
to slow step should be between two oppositely charged species. 
It has also been noticed that fumaric acid has altogether 
different kinetic features, e . g . , the reaction is zero order 
with respect to the concentration of the substrate and also 
that the reaction is regularly retarded by manganous sulphate. 
These observations strengthen the view that manganic ion is 
attacking the carboxalate group and not the double bond» The 
most tentative set of steps which yield an appropriate rate 
law, as given be lows 
Mn-3* 
Mn ,3+ 
+ 
+ '1 
a 
Product 
-^C^ + Mn' 2 + 
Product 
(1) 
(2) 
(3) 
(4) 
(5) 
Fast 
Fast 
Slow 
Fast 
Slow 
The rate law can be derived as given below: 
3M 
St 
1.0 
H«ltvc octd 
•t>j -041 ^ m 
Mw (M) 
(P ig . 10) 
Variation in rate constant with manganous ion. 
H8 
- d Hn i l l l ) /dt s kjLc^if te^ t C j l 
This IS also possiDie that in the above equations rand 2 
manganic cation, Mn^"'",as such might not be involved directly , 
With hydrogen ion concentration tne reaction rate is louua to 
i a i i rather gradually and does not assume a constant value.On 
the other hand with the above equation tor rate law i t i s expected 
that at high concentration oi nyarogea ion the firsecond part of 
the bracket shoula also vanisn and the rate slaould assume a 
constant value .This gives an indication that as the concentration 
ot sulphate ion is very large manganic ion axgnt a ^ react through 
one of the sulphate cofflplexes.ysjfeers and others have proposed 
such complexes,with the structures 2 HgO^and 
Xhe formation ol sucn complexes can be expisdned in tezms of 
the following equilioriums as has been identified witn cofealtic 
and ceric suipnates, 
Mn^ "^  + HSOT rtnSO. + H"^  4 4 
Mn+SO^ + HSO- - N t- H"^  
However,preliminary experiments show that there is no sniit 
in the absorption spectra ot manganic sulphate at various 
condition of sulphuric acid aad ,theriore , no experimental 
3.0 
(yrlio' 
(F ig . 11) 
For activation energy 
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evidence can be put forth in support of these equilibriums* 
However, Kolthoff has experimentally established the 
presence of MnCsO^)" . The presence of these species suggest 
that if complexes C^  and Cg be formed through these species, 
their concentration w i l l go on decreasing with the concen-
tration of hydrogen ion. This explains our observation. 
Tartaric acid has been found to react extremely rapidly 
with manganic sulphate under present conditions of experinsnts. 
Therefore, it has not been possible to isolate it in the 
reaction medium. But formic acid has been identified as end 
product. Gasometric studies show that for 10 equivalent of 
Mn'"*", 3 equiv. of COg are involved. It has been reported by 
Waters that COg/Mn^^ rat io for tartaric acid is 3/8 and 
that for mali6( acid is 3/10.- Excluding 2 equiv. of Mn '^*', 
which are used in oxidising ma^leic acid to tartaric acid, 
it is obvious that the reaction proceeds through tartaric 
acid« 
Oxidation of Fumaric Acid Since the rate of disappearance 
of manganic sulphate is inde-
pendent of its concentration, neither Mn^ '*' nor any of its 
•7 J, 
higher oxidation states which exist in equilibrium with Mn 
can possibly be involved in the rate determining step. Ons 
such example where rate is independent of manganic sulphate 
concentration is the oxidation of unsaturated aldehydes, 
where enolisation is the slowest step, hence it is the rate 
determining step. 
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The rate of oxidation of fumaric acid is very slow^ 
From the fact , that the red colour of manganic ion in 
moderate concentration of fumaric acid persists for a very-
long time at 50®C, it is understood that the most probable 
reaction that the substrate can undergo is hydrolysationa 
The scheme for hydrolysation of unsaturated acids,'which is 
found to be very slow, is given below: 
MO^  .H ^ HooCv yH 
H COOH Voort 
\ . / Slevv ^ .. \ + / 
c = 4 = c — f t — ^ ^ — c < 
/ ^ ^ ^ HOO^  \cooH 
V \ / 
—C C^ + Hjp > c c ^ 
Hoo/ \co\\ „ooc \coon 
If the interaction of malic acid with manganic ion is much 
f a s t , ( in comparison to equilibrium 2) the disappearance of 
manganic sulphate w i l l depend entirely on the production of 
malate ion» At least this much is sure f^ o^m the study of 
oxidation of malic acid by manganic pyrophosphate that a 
complex between-the tw^ is formed very rapidly<» Therefore, 
the disappearance of manganic ion w i l l depend only on the 
f i r s t two equilibriums. The rate law w i l l be given as: 
- ^ Ac.VjQ 
This jus t i f i es our observations, v i z . , the f i r s t order 
dependence of the rate fumaric acid concentration and 
the accelerating e f fect of hydrogen ion on the reaction rate. 
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The inhibition of rate with manganous ion does not 
appear to he related with species of manganic ion because 
the rate is independent of its concentration. It has 
been found by Waters in his study of the oxidation of 
maleic acid.that manganous sulphate is also not involved 
in any equilibrium with the substrate-manganic complex. 
* 
It has been concluded by the author that manganous ion is 
apparently reducing the concentration of free maleic acid 
in the solution and hence the rate is being reduced regu-
lar ly with the addition of manganous ion. Conduc tome tr ie 
studies show that maleic or fumaric acid does not form aqy 
complex with manganous ion. Therefore, it is concluded 
that manganous ion is forming complex with the interiosdiate 
malic acid and hence it retards the rate . 
Malic acid has not been identified in the reaction 
medium. But it is found that C02/Mn rat io is exactly 
3/10 as found by Waters and Drummond. As no manganic ion 
is needed to oxidise fumaric acid to malic acid, it strengthens 
the above mechanism. 
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Introduction 
Potassium permanganate is one of the most common and 
powerful oxidants. It has been used for oxidation of almost 
every type of organic substrate, The amount and nature of 
oxidation brought about by permanganate strongly depends on 
the pH of the medium. In alkaline, neutral and weak acid 
solution, the valency change of mangarBse is from VII to IV, 
and the product is invariably manganese-dioxide. On the 
other hand, in strongly acidic solution, the permanganate 
ion is further reduced to divalent state. 
In oxidation reactions, where the oxidising species 
are not only capable of undergoing a series of simple valency 
changes but also contain oxygen, the substrate may be oxidised 
by one or more of the following processess 
i ) A hydrogen-atom is abstracted from the substrate 
to give free radicals» This is brought about directly by 
an oxyanion or by a radical , such as, OH & OHg* These 
radicals sire easily produced by the interaction of the 
oxidant with the solvent, 
i i ) Sometimes an electron is directly abstracted from 
the substrate. Permanganate is capable of doing so, the 
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manganate ion (MnO^ being the end product* Other oxidant 
following this mechanism are Ce^"^, Fe^ "*" etc* 
i i i ) An oxygen atom is transferred from oxidant to the 
substrate. Avery good example of this type is the oxidation 
of olefins by osmium te5roxide, when a well defined cyclic 
intermediate is formed.^ 
Mechanism of oxidation by permanganate strongly depends 
upon the nature of the substrate and also on the pH of the 
reaction medium. Permanganate is found to undergo reduction 
by a l l the three mentioi^d routes. In fact , in alkaline 
medium manganese-dioxide is formed as the end-product, and 
reaction becomes highly complicated because on the surface of 
the precipitate a heterogeneous reaction sets in. Most of 
the oxidations by permanganate, studied from a physico-chemical 
view-point, have been carried out in acid media. 
2— 
In alkaline solution the manganate ion (MnO^ ) is quite 
stable and its presence is indicated by green coloration of 
the reaction solution during the oxidations by alkaline 
permanganate. A number of equilibriums have been proposed 
for the formation of manganate ion, such as: 
2MnO^ + 20H > 2MnO '^" + 0 + HgO 
The further oxidation of the substrate is brought about by 
2 3 oxygen atom. On the other hand, Stamm is of the opinion 
-158 
that OH radical is the active oxidising species which is 
produced by the following equilibriums 
MnO^  + OH, MnO ~^ + OH 
Since the forward reaction of these two equilibriums involve 
an interaction of similar changes, naturally it does not 
appear to be safe to suggest that equilibriums are f a s t . 
a 
Duke pr opose d an alt e rnat ive : 
MnO^  + H2O ^ MnO ~^ + OH + h"^  
But now the d i f f i cu l ty has been shifted to the backward reaction 
which is a termolecular interaction and it can be doubted if it 
takes place at a l l , because almost a l l the species involved 
are present in extremely low concentration^ But radio-chemical 
Lui 
6 
experiments^ strongly suggest the presence of some equilibrium 
between manganate and permanganate ions« Drummond and Waters 
have observed the behaviour of a number of organic compounds 
towards moderately alkaline solutions of permanganate. They 
find no evidence for participation by hydroxyl radicals,, 
because organic substrate, such as, diethoyl ether and dioxane, 
which are known to be rapidly oxidised by hydroxyl radicals, 
are unaffected by alkaline permanganate. 
Symons have studied the oxidation of branched chain 
carboxylic acids by dilute alkaline permanganate. Oxidation 
is extremely slow and results in extensive degradation of the 
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acid. But with optically active carboxylic acid of the type 
RR ch.(ch2)JJc00h oxidation by permanganate ion in strongly 
alkaline solution is rapid even at room temperature and good 
yields of optically inactive hydroxy acids are obtained. 
Since manganate ion is stabilised in alkaline medium it is 
possible that further oxidation brought about by manganate is 
checked. But the enhanced rate of oxidation has been attributed 
to the production?hydroxy radicals , which are responsible for 
the oxidation. The loss of optical activity is attributed 
to hydrogen-atom abstraction by hydroxyl radicals , giving: 
, (CH^) COO 
It is concluded, therefore, that when hydroxyl ion is present 
in large excess compared with the oiidisable substrate, electron 
abstraction from hydroxyl ion by permangate ion occurs in 
preference to reaction with the substrate, 
MnO" + OH ^ MnO^" + OH 
AH + OH ^ A + HgO 
But as the hydroxyl ion concentration is reduced, some other 
mechanism cones into operation. And one suggested by Drummond 
n 
and Waters iss 
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OR 
AH + MaOj 
AH + OH 
A" + MnO 4 
AH + 
A + HgO 
A + MnO' 2 -
It is s t i l l a point of great controversy that there 
exists an ion like MnO^" containing pentavalent manganese 
or not? Drummond and Waters have rejected i t . On the 
g 
other hand, Lux suggests that the bright blue complex 
which is formed when manganate solutions are heated with a 
large excess of alkaline contains ion MnO^  • Thus a reaction 
of the type Mn(VII) + Mn(VI) may constitute the f i r s t 
stage of oxidation by alkaline permanganate. But further g experiments of Symon rule out this poss ib i l i ty . 
TO 
According to Boeseken a cyclic intermediate is formed 
when olefins are oxidised in di lute, weakly alkaline solutions 
of permanganate; subsequently hydrolysis of this intermediate 
yields c is -g lyco l . The scheme ist 
\ y 
/\ 
\ / 
qL 0. .0 
.Mn' 
/\ 
HgO 
-OH 
-OH He/ ^ 0 -
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This scheme is particularly interesting because it accounts for 
the cis addition across double bond and resembles closely with 
11 
one proposed by Griegee for the oxidation of olefins by 
osmium tetroxide. In the oxidation in strongly alkaline 
solution a number of unsaturated carboxylic acids by the one 
electron transfer MnO" MnO^ *" (further oxidation being 
checled by precipitating manganate as barium marganate) the 
amount of permanganate consumed is very much in excess of that 12 
required for the oxidation to glycol only. This suggests 
that cis-glycol formation occurs by way of two electron 
transition from the organic substrate to the manganate ion 
Mn(VI) Mn(lV)J^ Rigby"'^ found that manganate 
ions are e f fect ive hydroxylating agent but his results 
do not give any conclusive evidence in favour of the above 
hypothesis. The catalytic e f fect brought about by the surface 
of manganese dioxide has been assumed to involve a molecule 
of o le f in , and a permanganate ion, giving: H 
- I 
0 \ GHR 
0" CHR 
/ 
H 
In acid media the active oxidising species other than 
permanganate ion as such are identified to be Mn^ "*", Mn^ "^  and 
2+ + 
other species such as MnO and MnO . These ions are formed 
by reaction between di and hepta valent ions of manganese. 
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Manganous ions are invariably present in acidid permanganate 
13 solution by virtue of the following equilibrium J 
4MNO^ + LAN"^ - ^ 4 MN^"^ + SOG + SHGO 
Ibel^^ has proposed several oxidising intermediates in acidic 
permanganate solution. A characteristic feature of reaction 
in which intermediate manganese ions are important oxidising 
entit ies is the sigmoid form of the reaction-time curves, 
for the production of intermediate increases autocatalytically» 
as manganous ions are formed and react further with permanganate 
ions. 
The permangamte-manganous reaction has been extensively 
studied by a number of authors because it throws light on the 
rature of various intermediates that are formed by the reduction 
of permanganate. In this respect the radiochemical observations 
are very important, Polissar and Libby''^ found no exchange 
between manganese dioxide and manganous ion and also between 
1 a 
manganous ion and permanganate ions in acid solutions. Adannson 
found a bb asurable exchange between manganous aid manganic . ions. 
Polissar also reports no exchange between permanganate ions and 
col loidal manganese dioxide. 
1 7 
On the btisis of his experiments Tompkins proposes the 
following mechanism for Guyard reaction: 
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Mi?^ + MnOj + ^ Mn^ "^  + HMnO" + OH 
HMnOj + Mn^ "^  + > aMnOg + HgO 
> M/"^ + Mn^ "^  
mn^"^ + hgo > mn^"^ + oh + h"*" 
Mn^ "^  + OH ^ Mn?t + OH 
18 
However, Adamson has proposed another mechanism for the 
early stages of manganous-permanganate reactions. The 
mechanism which is given below is strongly supported by 
chemical evidences! 
6H"^  + + MnOT + MnO^ "^  + 3HoO 
4 ^ 
Ui?'^ + hpo ^ mno"^ + 2E*' 
jr 
Mn^ "^  + ^ ^ Mn^ "^  + HgO 
These eq.uilibria are reported to be very rapid. If it is 
assumed that K2 and K^  are small, so that in acid solution 
3 + 2 + 
the principal forms of Mn(lII ) and Mn(lV) are Mn and MnO 
respectively present in the ra io , 
5-- a 1/5 
The permanganate-oxalate reaction was among the f i r s t 
to be studied in de ta i l . The reactions have two characteristics 
It is retarded by oxalate ion concentration and is accelerated 
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by manganous ions. In the presence of added manganous ions, 
the in i t i a l slow reaction is eliminated. If oxalate ions 
are present in large excess and if manganous ions are also 
added in i t i a l l y , the reaction obeys a f i rst -order law and 
rate is almost independent of manganous ion concentration. 
The colour of acidif ied solutions of permanganate and 
oxalate changes through cherrjr-red, brown, and yellow to a 
colourless complex. These different colours have been 
associated due to the presence of di f ferent complexes, such 
' - 1Q 
as Mn(C20^)5 ( red ) , and Mn(G20^2 (Yellow). 
The principal oxidising species was, therefore, postulated 
to be manganic ion. On addition of f luoride ion, manganic 
ions are removed from the solution as mangani-fluoride complex. 
20 
In such condition permanganate does not oxidise oxalic acid. 
20 Laimer and Yost found that the oxidation is brought about by 
4 + 3 + * Mn and Mn ions, the two being produced by rapid processes: 
MnO^  + + 8H+ + 4H2O (1) 
2MnO^ + + ^ SMn"^ "^  + SHgO (2) 
The concentration of these two species are governed by d i s -
proportionations Mn^ "^  + Mn^ "^  > 2Mn '^'' (3) 
They have proposed the following db chanismJ 
Mn -^' + C^ol ' °^asurable ^ ^ ^^^ ^ ^O" (4) 
+ CO2 MR?-*- + CO2 ( 5 ) 
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•z 4- o r ap id 
Mn^ "^  + 2020^*" ^ ^ MnCCgO^)^ (6) 
Mn5+ + Q^ol" laeasurable^ ^ ^ 
Mn5+ + CO- + COg (8) 
If manganous ion is in i t i a l ly added, Mn'^ "'" reads rap idly 
2 + 3 + with Mn and they are converted into Mn which forms 
complex by step 6 and subsequently unimolecular decompo-
sit ion of this complex takes place. In the absence of 
manganous ion the steps (4) and (5) are predominant. This 
scheme explains a l l the experimental evidence and is 
considered to be most satisfactory. But Bassett and 
Sanderson^^ consider the formation of Mn^^  very doubtful 
22 
from the reduction of permanganate. Duke has postulated 
two mangani-oxalate complexes related by the following 
equilibrium? 
£Mn{C20^)2 (HgO)^ + 2H2O 2H^ ^ ^ [Mn(g204) (HgO)^ 
+ H2C20^ 
23 + Taube ^ has assumed the formation of three complexes MnC20 ,^ 
and MnCCgO )^^  and rate is controlled by the decomposition 
of these complexes. Taube has suggested that these complexes 
on break-down might give univalent marganese, such as: 
MnG20| ^Mn "^^  + CgO" (or 0,0^+ 00^) 
or Mn"*" + 2 COg 
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M^n and Tompkins^^ have studied the oxidation of formate 
ion in deta i l . They are of the opinion that rate determining 
step involves a direct attack of permanganate ion on formate 
ion. The scheme suggested i s : 
MnO^  + HCOO" ^ MnO^  + COg + OH Slow 
2MnO~ + HgO > MnOg + HMnO^  + OH Fast 
HMnO^  + HGOO~ •> MnOg + CO2 + OH Past 
Tompkins and his collaborators have attempted to show that 
there are two principal mechanisms by which organic compounds 
are oxidised by acid permanganate; one mechanism proceeds "by 
direct interaction of permanganate ion, and the second 
involves the prior formation of Mn^ "*" or Mn^ "^  ions. It is 
postulated that mechanism involving Mn^ "^  or Mn^ "*" is 
characterised by an induction period. On the other hand, 
direct oxidation by permanganate ion is a second order 
process throughout. Another feature of the direct oxidation 
is that the organic substrate should possess a labi le hydrogen. 
The activation energy of the process which involves prior 
formation of Mn^ "^  is much higher than the one proceeding by 
direct attack of permanganate. For example the activation 
energy of oxidation of formic acid which represents the 
latter class is 11.2 KCal per mole while that for 2,6 
-167 
dinitrophenol is 14.4 KCal. per mole, 
Alexander and Tompkins ^ proposed the following sequence 
for the formation of Mn^ "*". This scheme runs in para l le l with 
the radio-chemioal restrictions; 
Mn^ "^  -I- mO~ ^ ^ Mn^ "^  + MnO^" 
Mn^ "^  + MnO^" ^ ^ Mn^ "^  + MnO^  + OH 
Mn^ "^  + MnOj ^ Mn^ "^  + MnOg + OH 
3 + 4 + and Mn ion subsequently disproportionate to produce Mn 
ions. 
> Mn"^ "^  + Mn^ "^  
Drummondy Levesley,^ and Waters have studied various stages of 
permanganate reduction by organic compounds. Reactions 
involving Mn^ "*" and Mn^ "*" ions have been mentioned already 
under manganic-sulphate section. 
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Expe r ime nt 
Oxidation of maleic and fumaric acids by KMnO^  is 
extremely rapid at room temperature and it is not possible 
to study the progress of the reaction by ordinary physical 
methods. However, by lowering the temperature to 5 - 10°C, 
and regulating the concentration of the reactants it was 
made possible to determine the rates in various conditions 
with reasonable precision. It was found that reaction was 
too fast to follow the conventional method of pipetting out 
the aliquot and then delivering it into a reaction-quenching 
solution. A modification was introduced which is as followss 
A dozen of test-tubes were graduated careful ly from 
5 ml to 10 ml. The graduation was checked repeatedly by 
acid-base t i trat ions. Another experiment was performed to 
see how precisely the volume in these test-tubes could be 
read. From a micro-buretlJe water was run into the test-tube. 
And it was stopped when the nBniscus rose to a definite level . 
The reading in the microburette never di f fered more than by 
i*01 ml from the volume indicated by the mark on the test-tube, 
It was eventually concluded that the marking on the test-tubes 
are correct and volume could be read accurately and 
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e f f i c ient ly from these marks. 
A double-walled vessel , made of pyrex-glass, having a 
stopper at the bottom with a very short stem was used as 
a reaction vessel . From a big reservoir whose temperature 
was maintained at 5°-*1®C water was circulated through 
the walls of the reaction-vessel. The temperatiAre of the 
reacting mixture was always read by dipping a thermometer 
directly into the solution and it was not taken as the 
temperature of the reservoir . For an e f f ic ient mixing air was 
constantly bubbled through the solution by an electric pump. 
Few preliminary sets were run by bubbling di f ferent 
gases through the reaction mixture. It was observed that 
nature of the gas had no e f fect on the reaction rate and, 
therefore, no particular gas was used for agitating the 
solution. 
Reaction was followed by estimating permanganate at 
vsirious intervals of time. The unreacted permanganate was 
added into ferrous ammonium sulphate solution which gave 
a corresponding amount of fe r r ic sulphate, and fer r ic sulphate 
was estimated iodometrically by t itrat ing against standard 
sodium thio-sulphate. In spite of the fact that the iodo-
metric t itrat ion of f e r r i c iron is not very accurate it has 
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26 
been frequently used for its estimation. And with following 
cares the results are f a i r l y accurate: 
i ) The solution must be strongly acidic since 
solutions of fe r r ic ; ion have a tendency to hydrolyse . 
This hydrolysis reduces the concentration of the ferr ic ion -
and cau^s the equilibrium + 2 l ' , 2'Fe '^^  + Ig to 
shift from right to l e f t . 
i i ) Secondly, anions, such as, f luoride, pyrophosphate 
and excess of chloride ion which form stable complexes with 
fe r r ic ion should be necessarily absent. Ferric complexes of 
hydroxy acids are checked by hydrochloric acid, 
i i i ) Iodide should be used in large excess to favour the 
reaction to shift from le f t to right. 
iv) The t i trat ion should be done after 5-10 minutes. 
An estimation of potassium permanganate by t itrat ing 
it against ferrous ammonixim-sulphate , and then t itrating 
corresponding amount of ferr ic sulphate iodome trie a l ly gave 
the same results . It proved the applicability of this method. 
Al l other solutions were prepared by weighing. The 
samples used were B.P.H. or A.R. grade. Reaction mixture 
was prepared as fol lows; 
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To a definite volume of standard potassium permanganate, 
requisite amounts of sulphuric acid and sodium perchlorate 
(to maintain ionic strength) was added. The standard 
solution of substrate was taken in a separate test-tube and 
kept in the reservoir which was maintained at *1®C. 
When the tv/o solutions attained the required temperature ^ a 
definite volume of the substrate was added to the reaction 
mixture.- Before adding the substrate the elBctric pump was 
started which agitated the solution by bubbling air through 
i t . The time of addition of half volume of the substrate 
was taken as zero time. Several runs were repeated under 
identical conditions to check the reproducibility of the 
resu l ts . It was found satisfactory. 
Different standard kinetic equations were tried with 
the experimental data. The f i r s t order equat ion-was found 
to f i t in well as plots between time vs. log G, i . e . , 
Volume of N/IOO hypo for 4 m,l aliquot gave very good 
straight l ines. The rate constant for a run was 
calculated from the slope of the corresponding l ine . 
7 
6 
5 
i 
(F ig . 1) 
Dependence of reaction on maleic acid 
KMnO^  .006M 
Maleic Acid .016M •008M •004M .002M 
Table No. 
Lines 
I 
1 
I I 
2 
I I I 
3 
IV 
4 
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Studies with Male ic Acid Dependence of the reaction 
on various factors was 
inferred from the variation in rate-constants obtained by 
f i rst -order plot. Tho rate disappearance of permanganate 
was given by the following rate-expressionJ 
- d { MnO;] 
dt 
= k X [Maleic Acid^ j^ MnO ]^ 
= k obs [MnOj' 
The dependence of reaction on maleic acid is found to be of 
the f i rst -order which is clearly shown in Table IV (b) . 
Rate constants in other tables have reported after dividing 
the observed rate constant with the concentration of the 
substrate. 
Table I 
Temp. H2S0^ = 3.80M; Maleic Acid = 0.016M. 
KMnO^  .00 6M .003M .001M 
Time (Seconds) Volume of N/lOO Na2S20^ for 4 ml aliquot 
0 12.0 6.00 2.00 
30 9.6 5.10 1 .66 
60 8.1 4.00 1.36 
90 6.2 3.40 1.12 
120 5.1 2.60 0.44 
150 4.3 2.20 0.72 
180 3.2 1 .80 0.60 
210 2.7 1 .40 
240 2.2 1 .20 — 
^obs 1""' 0.42 0.41 0.42 
Mean .42 
-f.o 11 1.1 1.3 1.5 1.6 \r 1.8 
( P ig . 2) 
Dependence of reaction on Maleic Acid 
KMnO^  .003 
Maleic Acid •016M •008M •004M .002M 
Table No. 
Lines 
I 
1 
I I 
2 
I I I 
3 
IV 
4 
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Table IV(a) 
Dependence of reaction-rate on potassium permanganate 
Temp. H SO = 3.80M; Maleic Acid = 0.008M. 
KMnO^  .006M .003M .001M 
Time (Seconds) Volume of n/100 Na2S20^ for 4 ml aliquot 
0 12.00 6.00 2.00 
30 10.00 5.50 1 .86 
60 9.50 4.80 1 .66 
90 8.70 4»50 1 .46 
120 7.65 4.00 1 .22 
150 6.76 3.70 1 .12 
180 6.30 2.30 1 .00 
210 5.40 2.90 0.89 
240 5.00 2.70 0.78 
^obs ^^ ^^ ^ • 0.22 0.20 0.23 Mean 0.22 
Table I I I 
Dependence of reaction-rate on potassium permanganate 
Temp. 5°C; HgSO^ = 3»aOM; Maleic Acid = 0.004M. 
kmno^ .006 .003 .001 
Time (Seconds) Volume of n/ioo Na2S20^ for 4 ml al iquot 
0 12.00 6.00 2,00 
30 11 .00 5.50 1.92 
60 10.60 5.00 1 .86 
90 10.00 4.70 1 .70 
120 9.40 4.40 1 .60 
150 8.90 4.10 1 .50 
180 8.30 4.00 1.42 
210 8.00 3.64 1 .36 
240 7.40 3.40 1 .00 
kQ-jjg min"^ mole 1"'' 0.11 0.13 0.12 
Mean 0.12 
0-6 0-7 0 8 0-7 10 11 1-i 1-3 
(Fig. 3) 
Dependence of reaction on maleic acid 
KMnO. •001M 
Maleic Acid •016M •008M •004M •002M 
Table No. 
Lir» 
I 
1 
I I 
2 
I I I 
3 
IV 
4 
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Table IV(a) 
Temp. 5°G; HgSO^ = 3.80M; Mateic Acid = ,002M. 
KMnO^  .006M .003 M .001M 
Time (Seconds) Volume of N/100 NagSgO^ for 4 ml aliquot 
0 12,00 6.00 2.00 
30 11 .80 5.80 1.94 
60 11 .20 5.60 1 .90 
90 11 .00 — — 
120 10.80 5.40 — 
150 10i20 5.10 1.82 
180 — 1 .18 
210 10.00 5.00 — 
240 — — 1 .70 
^obs 0.05 0.052 0»048 Msan 0.05 
Table IV(b) 
Dependence of reaction rate on maleic acid concentration 
Maleic Acid M .016M .008H .004M .002M 
^obs 
(ko^g/M) X 10"'' 2.70 2.75 3.00 2.50 
Msan = 27.5 
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Influence of Kanganous Sulphate The reaction between 
potassium permanganate 
and male ic acid has been studied at di f ferent manganous su l -
phate concentration. Ionic strength of the reaction medium 
has been maintained constant by adding requisite amount of 
zinc sulphate. It has already been mentioned in Chapter I I I 
that cpnductometric titrations show no complex formation 
between ainc ion and male ic acid. Therefore ^ zinc sulphate 
can be freely used here. The rate of the reaction f a l l s 
gradually With the concentration of manganous ion. Observa-
tions at various manganous sulphate concentrations are 
recorded below: 
Table V 
Dependence of reaction rate on manganous ion-concentration 
Temp. 5®C; Maleic Ac id = .016M; KMnO^  = .006M; H2S0^= 3.5M 
MnSO^  .001M .002M .003M 
ZnSO^ .005M .004M .003M 
Time (Seconds) Volume of N/100 Na2S20^ for 4 ml aliquot 
0 12.00 12.00 12.00 
50 8.92 10.00 10.40 
60 7.42 8.40 8.80 
90 6.00 6.70 7.60 
120) 4»80 5.82 6.40 
150 3.60 5.00 5.80 
180 3.20 4.02 4.80 
210 2.52 3.40 4.22 
240 2.00 3.00 3.62 
k X 10"^ min"'' 2.70 2.10 1 .90 
1A 1-2 14 1.5 1-6 1.7 1.6 1<? 5-0 2A 
1* 0^-7 
(Fig. 4) 
Dependence of reaction on manganous ion 
- Mndl ) .001 .002 .003 .004 .005 .006 
Table No* 
Line 
V 
6 
V 
5 
V 
4 
VI 
3 
VI 
2 
VI 
1 
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Table IV(a) 
Dependence of reaction rate on manganous ion-concentration 
Temp. 5°C; Maleic Acid = .016M; KMnO^  = .006M; H2S0^= 3.5M 
MnSO^  .004M .005 M .006M 
ZnSO^ .002M .001 M -
Time (Seconds) VolunB of N/100 NagSgO^ for 4 ml aliq.u( 
0 12.00 12.00 12.00 
30 11 .00 11 .02 11 .40 
60 9.50 9.60 10.00 
90 8.20 8.80 8.92 
120 7.30 8.00 8.20 
150 6.30 6.50 7.30 
180 5.50 6.20 6.90 
210 5.10 5.62 6.30 
240 4.30 4.80 5.40 
-1 -1 k X 10 min 1 .56 1.31 1 .25 
Influence of Fluoride Ion Fluoride ions form ccxnplex 
4+ with manganic and Mn ions. 
If these ions are involved in the reaction mechanism, the 
rate of the reaction should decrease. No significant 
decrease has been observed with the increasing concentration 
of fluoride ion. Ionic strength of the reaction medium has 
been duly compensated by adding requisite amount of sodium 
perchlorate. Observations at various f luoride ion concen-
trations are tabled below: 
VS U 1-7 1-8 M 2-' 
(P ig . 5) 
Dependence of reaction f luoride ion 
KF .001 .002 .004 .008 
Table No. 
Line 
VII 
4 
VII 
3 
VII 
2 
VII 
1 
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Table IV(a) 
Dependence of reaction rate on Fluoride ion concentration 
Temp.5®C; Mafe ic Acid = .016M; KMnO^  = .006M; H2S0^ = 3.5M 
KF .001M .002 M .004M .008M 
Time (Seconds) VolumB of N/lOO Na2S20^ for 4 ml aliquot 
0 12;00 12.00 12.00 12.00 
30 10.00 10.60 10.80 11 .00 
60 8.12 8.80 8.80 9.42 
90 6.80 7.40 7.80 8.00 
120 5.32 5.80 6.40 6.92 
150 - — 
180 3.62 4.22 4.72 5.20 
210 - — 3.50 3.90 4.40 
240 2,.28 3.02 3.40 3.98 
k X 10~^ min"^ 2.70 2.30 2.20 1.90 
Influence of Ionic Strength Ionic strength of the 
reaction medium has 
been varied by adding different amounts of sodium 
perchlorate. A slight decrease in tBee reaction rate has 
been observed with increasing ionic strength. But a plot 
between i and log k does not give any significant 
information about the reaction mechanism* In tables, 
presented be low ^ observations at various ionic strengths have 
been registered: 
(P ig . 6) 
Dependence of reaction on ionic strei^th 
Ionic Strength 4.0 4.5 5.0 5.5 6.0 6.5 
Table No. V I I I V I I I VI I I EC IK IX 
Line 6 5 4 3 2 1 
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Table V I I I 
Temp. 5®G; Male ic Acid = .016M; KMnO^  = .005M; HgSO^ = 4 . 0 
i ionic strength 4.0 4.5 5.0 
Time (Seconds) Volume of N/IOO Era2S20^ for 4 ml aliquot 
0 10.00 10.00 10.00 
30 8.00 8.42 8.42 
60 6.62 7.18 7.40 
90 5.62 6.02 6.40 
120 4.50 5.10 5.32 
150 - - -
180 3.20 3.62 3 .80 
210 2.52 2.94 3.40 
240 2.00 2.50 2.78 
300 — 2.20 
k X 10"^ min""* 2.50 2.20 2.00 
Table IX 
Temp. 5®C; Maleic Acid = .016M; KMnO^  = .005M; HgSO^ = 4 . 0 
i (ionic strength) 5.5 6.0 6.5 
Time (Seconds) Volume 1 of N/100 Na2S20^ for 4 ml aliquot 
0 10,00 10.00 10.00 
:50 8.80 8.90 9.00 
60 7.60 8.20 8.22 
90 6.80 7.40 7.40 
120 5.90 6.22 6.52 
150 - - * 
180 4.28 5.10 5.50 
210 3.72 4.40 5.00 
240 3.20 4.12 4.48 
300 2.58 3.20 3.60 
-1 -1 k X 10 mm 1 .70 1 .50 1 .38 
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Influence of Hydrogen For the calculation of 
ion concentration 
ionic strength and 
hydrogen ion concentration 
it has been assumed that sulphuric acid is completely 
dissociated to the f i r s t degree and ®cond ionisation is 
negl igible. Sulphuric acid content has been varied 
keeping. HgSO^ + NaHS©^ content of the reaction mixture 
a. 
constant. The rate of reaction f a l l s off gradually with 
the increasing concentration of hydrogen ion. 
Table X 
Dependence of reaction rate on Hydrogen ion concentration 
Temp. 5°G; Male ic Acid = .01M; KMnO^  = .004M. 
HgSO^ 2 . 0 M 2 . 5 0 M 3 . 0 M 
NaHSO, 
4 
2 . 5 M 2 . 0 0 M 1 . 5 M 
Time (Seconds) Vo:|.ume of N/100 NA2S20^ f o r 4 ml aliquot 
0 8 . 0 0 8 . 0 0 8 . 0 0 
2 0 6 . 3 2 6 . 7 0 6 . 9 2 
40 5 . 0 0 5 . 3 0 5 . 8 0 
60 4 . 0 0 4 . 5 0 5 . 1 0 
90 2 . 8 6 3 . 4 0 4 . 9 0 
1 2 0 2 . 0 0 2 . 7 0 3 . 3 0 
1 5 0 1 . 6 0 1 . 8 2 2 , 4 2 
1 8 0 1 . 0 6 1 . 5 8 2 . 0 8 
2 1 0 — — — 
2 4 0 
1 
— 1 . 0 0 
k X 10 mm 8 . 2 0 5 . 5 0 4 . 8 0 
1.0 1-1 « « 1-6 f.7 •'•fl f^ 
7) 
Dependence of reaction on hydrogen ion 
HgSO^ - -2.0 2 .5 3 .0 3 4.0 4»5 
Table No. 
Line 
X 
6 
X 
5 
X 
4 
XI 
3! 
XI XII 
2 1 
-180 
Table IV(a) 
Dependence of reaction rate on Hydrogen ion concentration 
Temp. 5°C; Maleic Acid = •01M; KMnO^  = .004M. 
HgSO^ 3.5M 4.0M 4.5M 
NaHSO^ 1 .OM 0.5M -
Time (Seconds) Volume of N/IOO NagSgO^ for 4 ml aliquot 
"0 8.00 8.00 8.00 
20 7,20 7.24 7.42 
40 6.00 6.08 6.62 
60 5.50 5.62 5.92 
90 4.50 4.92 5.30 
120 3.82 4.00 4.40 
1 50 3.14 3.56 3.82 
180 2.64 — — 
210 — — — 
240 1 .80 1 .96 2.22 
k X min"^ 3»60 3.20 2.10 
Temperature Dependence Under identical conditions 
of reactants concentration 
and at constant ionic strength, the reaction has been 
studied at three different temperatures. It could not 
be varied much because at higher temperatures the reaction 
is extrene ly fast and low temperatures could not be 
11 f.V >.3 A'T's- 1.6 1.7 M kA 
f+to^ CAfnQ,"? 
(Fig. 8) 
Dependence of reaction on temperature 
Tea?). OK 278 283 288 
Table Ho. 
Line 
XII 
1 
XII 
3 
XII 
4 
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maintained with accuracy. However, activation energy 
and other thermodynamic functions of the process have 
been calculated from these datas 
Tab]s XII 
Maleic Acid = .016m; kmno^ = .006m; hgso^ = 3.80m 
Temp. OK 278 283 288 
Time (Seconds) Volume of n/ioo ^32820^ for 4 ml aliquot 
0 12.00 12.00 12.00 
30 9.62 8.10 8.10 
60 8.14 5.40 4.50 
90 6.20 4.00 3.12 
120 5-10 2,52 1 .88 
150 4.28 1.90 — 
180 3.24 — -
210 2.70 — • 
240 2.20 
. -1 -1 k X 10 min 2.70 4.70 9.40 
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Studies with Fumaric Acid As the solubi l ity of fumaric 
. I 
acid is very'^oor, it was 
found d i f f i cu l t to vary the concentration of fumaric acid. 
The reaction between permanganate and fumaric acid was 
studied at two dif ferent concentrations of fumaric acid. 
The f i r s t order rate equation is found to f i t in this 
case also» The procedure and other things have been already 
mentioned in detai l with the studies of maieic acid. These 
detai ls are not repeatedh here. The order of reaction 
with respect of fumaric acid is also unity. This is clearly 
indicated when k i^^ g are divided by the concentration of 
fumaric acid. Rate constants in rest of the tables are 
reported after dividing them by respective concentrations 
of fumaric acid. 
Table XII I 
Dependence of reaction-rate on permanganate-ion concentration. 
Temp. 10°C; H2S0^ = 3.OM5 Fumaric acid = 0.006M. 
KMnO^  . 0 0 6 M . 0 0 4 M . 0 0 2 M 
Time (Seconds) Volume of N/200 Na2S20^ for 4 ml. al iquot 
0 2 4 . 0 0 1 6 . 0 0 8 . 0 0 
3 0 2 0 . 0 0 1 2 . 8 0 6 . 6 0 
60 1 8 . 0 0 11 . 2 0 5.68 
90 1 6 . 6 0 1 0 . 0 0 5 . 1 0 
1 2 0 1 3 . 6 0 8 . 4 0 4 . 5 0 
180 1 8 . 0 0 6 . 4 0 3 . 2 0 
2 4 0 8 . 2 0 4 . 7 0 2 . 5 2 
3 0 0 5 . 9 0 3 . 6 0 1 . 7 8 
3 6 0 4 . 6 0 — — 
4 2 0 — — % 
^obs min"^ '' 0 . 2 9 0 . 3 0 0 . 2 9 
0.% O^M O-S 0.6 0.7 O.FL 0.9 1-0 1-1 F.I 
(Fig . 9) 
Dependence of reaction on fumaric acid 
KMnO, .004 .004 .002 .002 
Pu»aric Acid 1004 .006 .006 .004 
Table No. XIV XII I XI I I 
Line 1 2 3 4 
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Table IV(a) 
Dependence of reaction-rate on permanganate ion-concentration 
Temp. IQOG; HgSO^ = 3.0M; Fumaric Acid = .004M 
KMnO^  .006M .004M .00 2M 
Time {Seconds) Volume of N/200 Na2S20^ for 4 ml. aliquot 
0 24.00 16.00 8.00 
30 21 .60 14.40 7.12 
60 19.20 12.60 6.40 
90 18.40 11 ,40 5.90 
120 1 5.80 10.00 5.12 
180 12.60 8.70 4.40 
240 10.20 6.92 3.30 
300 8.92 5.60 2.76 
360 7.10 4.70 2.22 
420 4.00 1 .82 
-1 
^obs ^ 0.20 0.24 0.20 
Influence of Manganous ion The rate of the reaction 
is found to decrease 
sl ightly with the increasing concentration of manganous 
ion* The ionic strength of the reaction mixture has 
been maintained by adding requisite amount of zinc 
sulphate» Observations at various manganous sulphate 
concentrat ions are recorded be low j 
O.^  0.5 0.6 0.7 o.e O.I 1-0 
(F ig . 10) 
Dependence of reaction on manganous ion 
Mn(ll ) •001M .002M •003M •004M 
Table No. 
Line 
XV 
4 
XV 
3 
XV 
2 
XV 
1 
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Table IV(a) 
Dependence of reaction-rate on manganous ion concentration* 
Temp.lOoC; H2SC^= 3.5m; Fumaric Acid«0.006M; KMnO^  = 0.006M. 
MnSO. 4 .001M .002 M .003 M .00 4M 
ZnSO^ .003 M .002M .001M -
Time (Seconds) Volume of N/200 Na2S20^ for 4 ml. aliquot 
0 16.00 16.00 16.00 16.00 
30 13.42 13.80 14.00 14.40 
60 11.20 11 .80 12.20 12.60 
90 9.62 10.00 10.80 11 .20 
120 8.30 8.92 9.40 10.00 
180 6.42 6.66 7.14 8.00 
240 4.50 4.80 5.40 5.92 
300 3.32 3.88 4.20 4.84 
360 - 2.90 3.30 3.64 
420 am 
k X 10"'' min"*^  5.50 4.70 4.50 4.00 
Influence of Fluoride ion Fluoride ions also exhibit a 
retarding ef fect on the 
reaction rate , Ionic strength of the reaction mixture has 
been regulated by sodium perchlorate. For a four-time 
increase in the concentration of f luoride ions the rate is 
decreased frotn 4.33 units to 3.70 units. Observations at 
various fluoride ion concentrations are tabled below; 
• _ • I ' I I L_ 
o A e-i 0-6 07 e g t o i-i 
(Fig. 11) 
Dependence of reaction on fluoride ion 
KF 
Table No» 
Line 
.001M 
XVI 
4 
.002M 
XVI 
5 
.003 M 
XVI 
2 
•004M 
XVI 
1 
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Table IV(a) 
Dependence of reaction-rate on the concentration of f luoride ion 
Temp.lQoC; H2S0^=3.50M; Fumaric Acid=.006M; KMnO^  = .004M. 
KF .001M .002 M .003M .004M 
Time (Segonds) Volume of N/200 NagSgO^ for 4 ml. aliciuot 
« 
0' 16.00 16.00 16.00 16.00 
30 13.52 13.90 14.20 14.50 
60 12.00 12.00 12.60 13.52 
90 10.30 10.80 11 .30 12.00 
120 9.00 9.52 10.20 10.80 
180 6.86 7.62 8.20 8.70 
240 5.20 5.52 6.42 6.90 
300 3.SO 4.50 5.20 5.74 
360 2.82 3.56 4.10 4.70 
k X min"^ 4.83 4.00 3.80 3.70 
Inflanence of Hydrogen The reaction-rate is gradually 
decreased with the increasing 
concentration of hydrogen ion. As mentioned ea r l i e r , the 
concentration of hydrogen ion has been calculated on two 
assumpt ions: 
a) HgSO^ > HSO^ + H"^  is complete 
b) HSO^ X SO^- + h"^  is negligible 
Observations at various hydrogen ion concentration are 
tabled below: 
<=•« *••» -^ e 1.0 V.1 
{Fig. 12) 
Dependence of reaction on hydrogen ion 
H2S0^ 2 ,0 2.5 3 .0 3 .5 4.0 4.5 
Table Ho* XVII XVII XVII XVIII XVIII XVIII 
Line 6 5 4 3 2 1 
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Table IV(a) 
Dependence of reaction rate on Hydrogen ion concentration 
Temp, 10°C; Fumaric Acid = .006M; KMnO^  = .004M 
HgSO^ 2 .OM 2.5M .3.0M 
NaHSO^ 2.5M 2.0M 1 .5M 
Time (Seconds) Volume of N/200 NagSgO^ for 4 ml. aliq.uot 
0 16.00 16.00 16.00 
30 12.60 13.20 13.60 
60 10.00 10.80 11 .60 
90 8.12 8.74 9.54 
120 6.40 7.08 8.12 
180 4.02 4.50 5.50 
240 - 3.22 4.02 
300 — 3.06 
360 
k X 10"^ min"'' 8.00 6.66 5.50 
Table XVIII 
Dependence of reaction rate on Hydrogen ion concentration 
Temp. 10®C; Fumaric Acid = .006M; KMnO^  = .004M 
H2SO4 3.5M 4.0M 4.5M 
NaHSO^ 1 .OM 0.5M — 
Time (Seconds) Volume of N/200 NapSpO^ for 4 ml aliquot 
0 16.00 16.00 16.00 
30 13.90 14.20 14.40 
60 11 .80 12.20 12.60 
90 10.20 10.70 11 .20 
120 8.68 9.36 10.00 
180 6.40 7.28 8.00 
240 4.80 5.42 6.40 
300 3.50 4.02 5.02 
360 2.64 3.20 3.80 
420 — — — 
k X 10"'' min"'' 5.00 4.50 4.00 
03 0 A 0 f 0 6 07 0 6 c 9 1 0 
(Fig. 13) 
Dependence of reaction on ionic strength 
Ionic Strength 3.5 4.0 4.5 5.0 5.5 6.0 
Table No. XIX XIX XIX XX XX XX 
Line 6 5 4 3 2 1 
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Influence of ionic strength Ionic strength of the 
reaction rosdium has 
been varied by adding di f ferent amounts of sodium 
perohlorate . A slight regular decrease in the reaction-
rate is observed with the increasing ionic strength. 
This is evident from tables XIX and XX. 
Table XIX 
Depende nee of reaction rate on ionic strength 
Temp. 10°C; HgSO^ = 3 « 5 m ; Fumaric Acid = .006M; KMnO^  = .004M 
Ionic Strength i 3.5 4.0 4.5 
Time (Seconds) Volume of N/200 Na2S20^ for 4 ml aliquot 
0 16.00 16.00 16.00 
30 13.50 13.70 14.20 
60 11 o50 12.00 12.60 
120 8.32 9.10 9.56 
180 5.90 6.72 7.50 
240 4.80 5.18 5.52 
300 3.40 3.74 4.30 
360 2.54 2.84 3.20 
k X 10"'' min"'' 5.00 4.66 4.00 
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Table IV(a) 
De pe nde nee of reaction rate on ionic strength 
Temp, looc; HgSO^ = = 3.5M; Fumaric Acid = .006M; KMnO^  = .004M. 
Ionic.Strength i 5.0 5.5 6.5 
Time (Seconds) Volume of If/200 Na2S20^ for 4 ml aliquot 
0 16 #00 16.00 16.00 
30 14^50 14.80 15.20 
50 11,50 12.20 13.50 
120 12,60 12.90 13.80 
180 7,58 8.00 8.74 
240 5,90 6.40 7.02 
300 4.58 5.00 5.72 
360 3,20 3.60 4.00 
k X lO""* min"'' 4,00 3.90 3.66 
Temperature Dependence The reaction is very fast ; 
therefore, the temperature 
of the reaction could not be varied much. However^ it 
has been studied at three dif ferent temperatures. Values 
of various thermodynsuaic functions have been mentioned 
below table XXI. 
o•^ ^ 0.5 0 . 6 o.7 o a o g i.o 
(F ig . 14) 
Dependence of reaction on temperature 
Temp, OK 288 283 278 
Table Ho« 
Line 
XXI 
3 
XXI 
2 
XXI 
1 
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Table XXI 
Dependence of reaction-rate on temperature 
Fuznaric Acid = .006M; KMnO^  = . 004M; H^SO. = 2 4 3 .OM. 
Temp, ®K 288 283 278 
Time (Seconds) Volume of N/200 Na2S20^ for 4 ml aliquot 
0 
s 
16.00 16.00 16.00 
50 T3 .20 13.80 I4o40 
60 10.30 11 .50 12.60 
90 8.90 9.60 11 .00 
120 7.30 8.12 10.00 
150 5.90 6.80 8.50 
180 5.10 6.40 8.00 
210 4.00 5o58 6.40 
240 3.20 4.50 5.30 
k X 10"'' min"^ 6.66 5.30 4o30 
( l - i g . l l ) 
For activation energy 
Discussion 
In alkaline nediurn permanganate ion attacks the organic 
substrate by abstracting hydrogen atom. Pre« radical , thus 
formed, undergoes further changes. But, it is well known 
that reaction with permanganate ion strongly depends upon 
pH of the medium, and in acid medium reaction is very 
complicated. 
The reaction between permanganate ion and maleic and 
fumaric acids is very fast in comparison to reaction with 
manganic ion. It seems less probable, therefore, that 
reaction with acidic permanganate should proceed through 
manganic ion. This view is also strengthened lay the obser-
vation that fluoride ions, which have great tendency to 
form stable complex with manganic ion, do not inhibit the 
reaction very much* Secondly, a study of oxidation of these 
substrates with manganic ion shows that they follow dif ferent 
mechanisms? but oxidation of maleic and fumaric acids by acid 
permanganate has the san» kinetic features and consequently 
must also have the same sechanismo 
It is also observed that added manganous ions have a 
retarding influence on the reaction rate . It is well known 
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that manganous sulphate reacts with potassium permanganate 
to give di f ferent inermediate ions (Mn "^^ , Mn^ "^  e t c . ) - If 
the oxidation of maleic or fumaric acid involved depended 
on any such intermediate, the rate of the reaction should 
have increased with added manganous ion. 
These observations suggest that as in alkaline medium 
maleic and fumaric acids are being directly attacked by 
permanganate ion in acid medium, as wel l . The slowest step 
involves one permanganate ion and one substrate molecule. 
The scheme of the reaction is given belows 
\ / \ / 
" Fast 
/\ /\ 
OH H0> 
HgO + 
Slow ^ ^C^- OH H O ' ^ 
Tartaric acid is i tsel f very rapidly oxidised by acid 
permanganate giving carbon dioxide and water as the end 
product. It appears that the equilibrium, 
GH"*" + + MnO^  ^ + MnO^ "^  + 3H2O 
is f a s t , and operates in the present system also* This 
explains the retarding ef fect of hydrogen ion and manganous 
ions. These equilibriums are shifted leftwards by increasing 
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the concentrations of hydrogen ion and manganous ion. This 
gives rise to increased concentration of manganic ions. 
It does not oxidise the substrate at such low temperatures, 
and gives the equivalent reading in the back t i t rat ion. 
However, the above equilibrium is very complicated and 
must, obviously, be composed of several steps it has 
not been possible to apply it here for a quantitative use. 
The retarding influence of hydrogen ion is also possible 
due to the presence of the above equilibrium. The 
suggestion that ionised molecule of the substrate might be 
involved in the complex formation with the permanganate 
ion does not sound satisfactory. The chief argument being 
that it w i l l demand an interaction of similar charges to 
be fast which is very less probable. Therefore, it is 
concluded that the most-probable rate expression is ^  
-d MnO^  
= Kk MnOj Substrate 
dt ^ 
This can be easily derived from the given mechanism. 
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FINAL GOKCLUSIONS 
Following conclusions can be drawn from the present 
study of oxidation of maleic and fumaric acids by different 
oxidants: 
a) Generally the complex formation between the substrate 
and oxidant is fast and reversible. 
b) Mostly the complex, between the substrate and the 
oxidant, is formed through the double bond of the substrate. 
The oxidation of maleic and fumaric acids by manganic 
sulphate being the only exception. In this case, with maleic 
acid the complex is formed through carboxalate groups. The 
complexes are given belows 
aC-
i: «
-R 
-H 
(asv /I Mn 
pH 
0=S=5G— 
W o . 
in 
t+++ 
-H 
with ionised substrate 
f 
iH 
-c-
I 
c 
-H 
Hatl- V 
0-
/ 
-C-
33 -
i 
OH 
-H 
H 
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c) The rate of disappearance of oxidant is d irect ly 
proportional to the concentration of the oxidant. However, 
oxidation of fumaric acid by manganic sulphate is an 
exception. In this case, the rate of the reaction is entirely 
governed by the rate of hydrolysation of fumaric acid into 
maleic acid and it is independent of the concentration 
of the substrate . 
d) The double bond of maleic and fumaric acids is 
approached by both electro positive and electro negative 
oxidising species. In the oxidation by s i lver -n i t rate 
persulphate system, the complex is forned by an interaction 
of AgO"^  and the double bond of the substrate. On the other 
hand, oxidation by cobaltic sulphate and permanganate appears 
to proceed through Go(SO^)~ and MnO^ ions. 
e) The attack of oxidant on the substrate appears to 
give tartar ic acid as the f i r s t product which is further 
oxidised to form.ic acid and carbon dioxide. It has not been 
possible to isolate tartar ic acid in the reaction^ in f a c t , 
experiments at comparable conditions indicate that generally 
oxidation of tartaric acid is much faster as compared to 
the rate oxidation of maleic and fumaric acids. 
f ) As most of the reactions are very complicated, no 
specif ic significance can be attached to the thermodynamic 
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data. Wherever possible, these functions have l^ een calculated 
and are tabled below: 
Maleic Acid 
Persulphate 
Cobalt io Su] 
Manganic Su] 
Acid KMnO^  
Pumau:ic Acid 
Persulphate 
Acid KMnO^  
AH^ AS^ T®K 
20.0 19535 -2580 18 545 325 
16.2 
19.20 
15.50 
18.65 
-27.00 
- 9.00 
25.50 
16.05 
347 
278 
18.00 17.35 - 2e30 18.59 325 
13^40 
3.20 
12.70 
2.65 
-46.10 
45.00 
28.57 
15.55 
347 
278 
It is well known that if S is positive the formation of 
activated complex is more probable and the reaction is fast 
and S is negative, the reaction is slow. A comparison of 
S for fumaric acid by manganic sulphate (-46ol) and acid 
permanganate (+45) appears to reflect the basic difference 
between the two reactions. With permanganate the complex is 
formed through double bond and the reaction with manganic 
sulphate is assumed to proceed after hydrolysis of the 
substrate which is known to be very slow. 
(g) Ifydrogen ion'has a retarding effect on the reaction-
rate in most of the cases. The retardation ©ffect is generally 
attributed to the presence of some equilibrium where the 
concentration of oxidising species is adversely affected by 
the higher concentration of hydrogen ion. 
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In cobaltic-sulphate system: Co(S0^)2 is the oxidising 
species. 
Co(SO^)"^ HSO^ V Co(SO^)J + H"^  
In case of manganic sulphate, possibly manganic ions are 
also stabilised by forming complexes with sulphate ions» and 
these complexes may eventually become the active oxidising 
species and, therefore, equilibriums, 
Mn^ "^  + HSO^ ^ ' ' MnSOj + H"*" 
MnSOJ + HSO^ X • . Mn(SO^)J + H"^  
explain the retarding effect of hydrogen ion. 
In case of permanganate, it is the active oxidising 
species and the presence of following equilibrium retards 
the rate: 
+ MnOj + 2Mn^\ i Mn'"^  + MnO"*" + 3H2O 
In case of si lver-nitrate + persulphate the rate of 
reaction is accelerated by increasing hydrogen ion* 
(h) A slight negative salt ef fect is common to a l l tha 
reactions. This has been generally explained in terms of the 
presence of an equilibrium, preceding the slowest step, which 
is shifted by increasing the ionic strength in such a way 
that it favours the reaction. 
Cobalt ic Sulphate : Co'"^ + 2HS0^ t ^ Co(SO^)J + 2fL*' 
Persulphate : Ht?'*' + 2HS0^ , Mn(SO^)J + 
